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PREFACE TO THE THIRD EDITION 


A number of important and radical changes have been made 
in this, the third edition of this Textbook of Elementary Qualita- 
tive Analysis. The theory, in Part I, has been considerably 
expanded and the more important and generally accepted modem 
concepts have been introduced. The sections dealing with the 
various phases of the fundamental background of equilibrium 
theory have been arranged, with accompanying review exercises, 
to provide weekly assignments throughout th(^ semester’s work. 

Part II deals with the reactions of the cations. Here two impor- 
tant changes have been made. First, under the heading of each 
cation, the characteristic properties and reactions of the ion have 
been discussed. This is followed by instructions for cariying out 
preliminary experiments. Second, procedures for the separation 
and identifications of ions of the several groups and subgroups have 
been inserted. These procedures are intended to provide practice 
in the analysis of known mixtures within the various groups Pro- 
cedures for the analysis of “ unknowns ” have accordingly been 
shifted to a later portion of the book. 

Part III, on the reactions of the anions, utilizes a new grouping 
of anions, based on the systematic anion procedure originally 
developed by Dobbins and Ljung at the University of North 
Carolina. The author takes this opportunity of acknowledging 
the service rendered to anion chemistry by these original investiga- 
tors. The treatment of the anion portion of this book follows the 
general plan of presentation used for the cations, in that dc^scriptive 
material, preliminary experiments and practice analyses are 
provided. 

Systematic analysis is presented in Part IV. The procedures 
provide instmctions for the detection of ions in samples ranging in 
complexity from simple anion and cation mixtures to the more 
complicated types of solid salt mixtures. Anion procedures pre- 
cede cation procedures, thus anticipating a minimum of inter- 
ference. 
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The author will be grateful for comments and errors which 
readers will bring to his notice. 

Carl J. Engelder 

Pittsburgh, Pennsylvania 
December, I94I 



PREFACE TO THE FIRST EDITION 

This Textbook of Elementary Qualitative Analysis is an out- 
growth of mimeographed notes in use in the author’s classes during 
the past five years. In preparing this text the writer has had the 
following purposes in mind: (1) to present the theoretical prin- 
ciples in a manner easily understood and applied by the beginning 
student; (2) to outline groups of preliminary experiments which 
demonstrate the properties of the metallic and non-metallic ions 
that are of importance in analytical procedures; (3) to simplify 
the procedures for anion analysis and for systematic analysis; and 
(4) to supply throughout the text sets of exercises and questions 
designed to direct the student’s efforts toward a better understand- 
ing of the subject. The aim has been to train the student in 
logical, independent thinking rather than to teach him specific 
details of routine analysis. 

The fundamental principles of qualitative analysis and the 
theory of reactions are given in Part I and later elaborated in the 
procedures of analysis and applied to specific cases. The theory 
has been treated from the standpoint (;f ionization and diemical 
equilibrium. 

h'ets of review exercises in the form of questions, problems, and 
the writing of equations and schemes are placed at suitable inter- 
vals throughout the theoretical and experimental portions of the 
text and have proven a valuable aid to both student and instructor. 
They should constitute a part of the student’s written work and 
may well serve as a basis for classroom discussion. The sets on 
cation and anion analysis are particularly helpful in aiding the 
student to anticipate the procedures of analysis which follow. 

The analysis of the cations is taken up in Part II. Here are 
provided, first, the preliminaiy experiments which form the basis 
of the methods of separation and identification, together with such 
other reactions and properties as are of analytical importance. 
Equations have been freely given, in order to assist the student in 
correlating properties and understanding the chemical facts 

vii 
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involved. In each group is included a section devoted to a dis- 
cussion of the application of theory to analysis. Sets of review 
exercises following the preliminary work on each group direct the 
student’s efforts towards summarizing the results and anticipating 
the procedure of analysis. The procedures of analysis are given in 
detail in paragraph form, the necessaiy explanations, 'precautions, 
and remarks on manipulation being made an integral part of the 
procedure rather than given in subjoined notes. The diagram- 
matic schemes following the detailed procedures summarize the 
essential steps of procedure and are not intended as working guides. 

Part III covers the detection of the common anions. The order 
of testing for the individual anions has been carefully worked out 
with reference to interfering anions. The anions are divided into 
four groups with respect to their behavior toward hydrochloric 
acid, barium chloride-calcium chloride reagent, and acidified silver 
nitrate reagent. Preliminary experiments are given, followed by 
the procedures of analysis for each group. 

The section on Systematic Analysis, Part IV, is designed espe- 
cially to train the student in the methods of getting substances 
into solution by solvent and fusion methods. The use of the 
solubility table is emphasized. The types of samples provide for 
extended practice in varied technique. 

The writer wishes here to acknowledge the criticisms and sugges- 
tions of Dr. E. V. Hjort, the aid rendered by Mr. W. A. Morgan 
in preparing certain tables, and the cooperation of his assistants 
and pupils in working out the details in the laboratory and class- 
room. Other texts on qualitative analysis have been freely con- 
sulted for methods and ideas, and whatever has been incorporated 
from them is here gratefully acknowledged. 

Cabl J. Engelder 

Univeraity of Pittsburgh 
June, 1927 
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PART I 

FUNDAMENTAL PRINCIPLES 

Qualitative chemical analysis deals with the methods and prin- 
ciples involved in determining what constituents are present in a 
given material. A quantitative analysis, on the other hand, will 
show how mveh of each constituent is present. The qualitative 
analysis of any given substance must necessarily precede the deter- 
mination of its quantitative composition. 

The methods employed in qualitative analysis consist, in general, 
of separating the constituents from one another by suitable chem- 
ical reactions and then applying appropriate reagents which give 
distinctive identifying tests for the presence or absence of the con- 
stituents sought. The selection of reactions for carrying out the 
necessary separations and identifying tests is based upon the prop- 
erties and characteristics of the element concerned; hence, from 
the experimental side, one must gain a thorough knowledge of the 
behavior of the common metals and aoid radicals, the detection of 
which is considered in this elementary text. From the theoretical 
side, to understand how a reaction proceeds and properly to in- 
terpret the results, one must consider the laws governing reactions; 
and, since most of the chemical changes take place in solution, the 
laws and behavior of solutions become of fundamental importance. 
Little real intelligent progress can be made unless the theory is 
understood, properly appreciated and correctly applied. 

SOLUTIONS 

When a small amount of sugar or sodium chloride is added to 
water the solid disappears in the liquid, forming a homogene- 
ous mixture which is called a solution. All solids show a tendency 
to dissolve in liquids, the amount of different solids taken up 
by a given amount of liquid varying between wide limits. Liquids 
may also dissolve in solids or in other liquids. Gases, too, show 
this property of dissolving in liquids and in solids. Thus it is 
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possible to have solutions consisting of solids, liquids and gases 
dissolved in liquids, as well as solids, liquids and gases dissolved 
in solids. 

The component that is present in greater amount is referred to 
as the solvent, and the other component is known as the solute. 
Thus, in a solution of sugar in water, the sugar is the solute and 
the water the solvent. Water is the commonest solvent used, and 
throughout qualitative analysis we deal largely with aqueous solu- 
tions. Solid, inorganic substances are the chief solutes, although 
gases and liquids are the solutes in some cases. 

A true solution is one in which the solute is disintegrated down 
to at least molecular dimensions and uniformly distributed through- 
out the solvent. We may, however, have uniform distribution of 
a substance in a liquid in which the dispersed substance consists 
of aggregates of molecules; colloidal solutions and suspensions are 
of this type. (Colloidal solutions are more fully discussed on 
page 73.) Throughout this text, the word solution will be used 
to designate true solutions, and, in fact, aqueous solutions will be 
implied thereby. 

Limits of Solubility. The extent to which the solute will be 
taken up by a given amount of solvent under definite specified 
conditions is a characteristic property of the substance. The 
amounts of different substances which will dissolve in a definite 
quantity of water, say 1 liter, vary considerably. A solution is said 
to be saturated when the dissolved material is in equilibrium with 
an excess of undissolved solute. Inasmuch as these differences in 
solubility constitute a most useful means in qualitative analysis of 
separating one substance from another, we must study solubility 
relationships and select reactions which will differentiate sub- 
stances on the basis of their solubilities. 

If more than the saturation amount of solid is added to a solvent, 
the excess will remain as undissolved solid, except in those cases 
where supersaturated solutions form anT unstable condition. An 
idea of the wide variation in the amounts of different solid solutes 
required for saturated solutions can be gained by reference to solu- 
bility tables. (See page 332.)- The solubility of a solid in water 
increases, as a general rule, with increase in temperature and only 
slightly with increase in pressure. An important application of the 
general equilibrium theory involving saturated solutions of diffi- 
cultly soluble salts is discussed on page 63. 
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Two liquids may be totally or only partially soluble in each 
other. Thus water and alcohol mix in all proportions and no limit 
can be placed on the saturation amount. Carbon tetrachloride 
is only slightly soluble in watem.nd, if the solubility is exceeded, 
the excess will remain as a second liquid layer; we speak of these 
two liquids as being practically immiscible in each other. Chloro- 
form, ether, benzene and many other organic liquids form similar 
two-liquid layer systems with water. 

The amount of a gas which will dissolve in a definite volume of 
water under existing temperature and pressure conditions, too, 
is fixed by its saturation quantity, and any excess escapes as free 
gas. In general, the solubility decreases with rise in temperature 
and increases with an increase in pressure. Some gases, such as 
hydrogen sulfide, merely dissolve in water, whereas others, such 
as sulfur trioxide and ammonia, react with water. The solutions 
of gases in water, whether or not reaction takes place with the 
solvent, comprise some of our most important and commonest 
reagents. 

Properties of Aqueous Solutions. Experiment shows that 
many of the properties of water are altered considerably when 
dissolved material is present. Thus, pure water freezes at 0° C., 
boils at 100° C. under 1 atmosphere of pressure and exerts a vapor 
pressure of a definite magnitude at any specified temperature. 
But when, for example, sugar or sodium chloride is added to water, 
the freezing point of the water is lowered, the boiling point is raised 
and the vapor pressure is lowered, the extent of the change in these 
properties varying with the quantity and nature of the solute 
present. The osmotic pressure of the solution, too, increases with 
increased concentration. These changes in vapor pressure, freez- 
ing and boiling points and osmotic pressure are all interrelated and 
if one is known the others can be calculated. Hence, we shall 
frequently discuss the effect of various conditions on one or two 
of these quantities, implying but not mentioning the corresponding 
changes in the others. 

Solutes may be divided into two general classes, electrolytes 
and non-electrolytes, according to the behavior of their aqueous 
solutions. Compounds like sugar, glycerol, urea and organic com- 
pounds in general, are non-electrolytes. If compounds of this 
type are dissolved in such amounts that the ratio of the number of 
solute molecules to the number of water molecules in the solution 
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is the same for the different solutions, the same freezing-point 
lowering and the same boiling-point rise will be produced in each 
case. Thus, one gram-molecular weight (one mole) of any non- 
volatile non-electrolyte dissolved in 1000 grams of water will lower 
the freezing point 1.86° C. and raise the boiling point 0.52° C. In 
such a solution there will be 1000/18.016 = 55.51 moles of water 
to 1 mole of solute or, since a mole of any substance represents 
a definite number of molecules (Avogadro’s number, 6.031 X 10^*) 
[This value supplants the previous value of 6.06 X 10^^. Cf. 
Millikan, Ann. Physik ( 5 ), 32 , 520 (1938).] this solution will con- 
tain 55.51 water molecules for each solute molecule# It is to be 
emphasized that the ratio between the number of solvent molecules 
and solute particles is the important factor in determining the effect 
of a solute on the freezing and boiling points. 

Solutions of non-electrolytes, as the term suggests, are very 
poor conductors of electricity. Electrolytes, on the other hand, 
contain bonds that are easily broken by the attraction of the solvent 
molecules when the compound is dissolved. Solutions of electrolytes 
readily conduct an electric current and exhibit greater deviations 
in freezing and boiling points than non-electrolyte solutions of the 
same molecular concentration, i.e., the same number of moles of 
solute per 1000 grams of solvent. 

The Phenomenon of Ionization. To explain the abnormal 
behavior of dissolved acids, bases and salts, Arrhenius, in 1885, 
proposed the theory of ionization. This assumes that, when acids, 
bases and salts are dissolved in certain liquids, particularly water, 
the molecules of the solute dissociate or ionize to a greater or less 
extent into positively and negatively charged particles called ions, 
those bearing positive charges being called cations and those with 
negative charges anions. Compounds showing this behavior are 
called electrolytes. The extent of the dissociation depends upon 
the nature of the solute, the concentration, the temperature and 
the solvent. The ions behave as independent units irrespective of ■ 
the natxire of the compound from which they are derived, and when 
two solutions of electrolytes react they show the behavior only of 
the constituent ions. The phenomenon of ionization can be indi- 
cated as a reversible chemical reaction between the dissolved non- 
ionized molecules and the cations and anions resulting therefrom. 

Before the phenomenon of ionization can be further discussed 
from the standpoint of modern theory it is necessary to call atten- 
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tion to the present-day concept of atoms, ions, valence and acids, 
bases and salts. 

Atomic Structure. An atom may be visualized as a miniature 
solar system. A small, very dense nucleus takes the place of the 
sun, and a number of electrons, called* planetary electrons, move 
about it after the fashion of planets. Each electron constitutes a 
negative charge of 1.59 X 10~^® coulomb, a coulomb being the 
amount of electricity represented by a current of 1 ampere flowing 
for 1 second. The amount of electricity represented by the elec- 
tronic charge is commonly referred to as a unit of negative charge; 
the corresponding quantity of positive electricity constitutes a 
unit of positive charge. The nucleus, which provides practically 
all the mass of the atom, is made up of units of positive electricity, 
together with electrons. In the nucleus the electrons are bound 
to an equal number of protons, producing neutrons; the exce.ss 
protons remain as unbound positive charges. The number of un- 
bound' protons in the nucleus is the atomic number of the element. 
The total number of planetary electrons in the orbits or shells 
equals the number of excess protons in the nucleus, thus making 
the atom, as a whole, electrically neutral. 

The hydrogen atom consists of 1 proton in the nucleus and 1 
electron in the first (or only) shell. The atom of helium contains 
2 free protons in the nucleus, and 2 free electrons in the first shell. 
Lithium has 3 free protons in its nucleus, 2 electrons in the first 
orbit and 1 in the second, thus giving it the atomic number 3. 
The sodium atom (atomic number 11) has 2 electrons in its first 
shell, 8 in the second and 1 in the third. Chlorine (atomic number 
17 ) has 2 electrons in its first orbit, 8 in its second and 7 in its third 
or outer orbit. Atoms tend to reach a stable configuration of 8 
electrons in the outermost shell. 

Types of Valence Bonds. Atoms of elements which do not 
have a stable valence gix)up like that of one of the inert gases have 
a tendency to attain such a configuration; their chemical prop- 
erties are then largely determined by the magnitude of the tend- 
ency and the manner of attaining the configuration. An atom 
may secure a stable valence group in either of two general ways: 

(1) By capturing from one or more atoms enough electrons to 
make a total of eight in the valence group, or by losing to other 
atoms all the electrons in its own valence group. In the latter 
case the atom reverts to the next lower stable configuration. 
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(2) By sharing electrons with another atom or wth each of several 
other atoms, each electron so shared being counted in the valence 
group of each of the two atoms involved in the sharing. 

If a stable group is fonned, as indicated in (1), by capturing or 
losing electrons, there is an actual transfer of electrons from one 
atom to another. This transfer leaves the donor atoms positively 
charged and gives the acceptor atoms a negative charge, forming 
cations and anions, respectively. The following equation for the 
formation of a sodium ion and a- chloride ion from an atom of Na 
and an atom of Cl illustrates such a transfer: 



Ka atom 

(2| 8y 1 configuration) 




+ 


U{@) 




\ 

\ \ 

\ \ 
k % 

I I- 
// 


+ Cl atom 
(2, 8i 7 configuration) 



This representation is not to be interpreted too literally. The 
use of different symbols (circles and crosses) to represent the elec- 
trons belonging to sodium and to chlorine docs not signify a dif- 
ference in the nature of the electrons; the purpose is merely to 
simplify the visualization of the electron transfer. Also, the dis- 
tribution about the atom is not intended to represent the spatial 
relations of the electrons to the nucleus in an actual atom; it is 
simply a means of representing pictorially the successive electronic 
groups and the number of electrons in each group. 

It will be noticed that the single electron in the valence shell 
of the sodium atom has been transferred to the valence shell of 
the chlorine atom, forming a sodium ion and a chloride ion, each 
of which has a stable group of 8 electrons in the outer group. A 
crystal of NaCl is an aggi-egate of such ions. It should be em- 
phasized that in compounds of this type the ions are not formed upon 
dissolving the material but are already present in the solid compound. 
The process of solution involves primarily a separation of the ions, 
allowing them to act more independently than they can in the 
crystal. 

A valence bond formed in this way is called a polar or ionized 
bond, and this type of valence is called polar valence, electrovalence 
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or ionized valence. Each electron transferred gives one unit of 
polar valence to each of the two atoms concerned in the transfer; 
the number of such units per atom constitutes the electrovalence 
of the element. 

The electropositive elements are those in which the tendency 
to lose electrons is greater than the tendency to gain electrons in 
securing a stable group. This is the situation, in general, when 
the number of electrons in the valence group is less than 4, as it 
is in most of the metals. If the tendency to gain electrons is 
greater than the tendency to lose them the element is electronega- 
tive. This happens, in general, when there are 6 or 7 electrons in 
the valence group, as in many of the non-metals. Elements which 
have 4 or 5 electrons in the valence group, as well as some elements 
with 3 or 6, or occasionally some other number, show, in general, 
little tendency either to gain or lose electrons and hence rarely 
form ionized compounds. 

Attainment of a stable group by sharing electrons, as indicated 
in process (2) (page 6), results in the formation of either covalent 
or coordinate covalent bonds. Covalent bonds are sometimes 
called non-polar or homo-polar bonds, and coordinate covalent 
bonds are sometimes called semi-polar or, frequently, simply co- 
ordinate bonds. In this book, for brevity, the term coordinate 
bond will usually be used. Each 'pair oJ shared electrons may be 
considered to constitute a single bond. In a covalent single bond 
one of the two shared electrons comes from each of the two atoms. 
This is illustrated by the following diagrams of the chlorine and 
oxygen molecules. For simplicity, all the electrons except those 
in the valence group have been omitted in these and all subsequent 
atomic diagrams. 



cij o* 

(Single bond— (Double bond — 

two shared electrons) four shared electrons) 


If, instead of each atom supplying one of the two shared elec- 
trons, both of the electrons come from the same atom, the result 
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is a coordinate bond and each pair of electrons so shared con- 
stitutes 1 unit of coordinate valQpce. This is illustrated in the 

accompanying diagram of SO2. 

/ * The oxygen atom shown on 

f ^ right in this diagram is joined 

^ o ^ to the eulfur by a coordinate 

bond; the one on the left is 
joined by a covalent double bond. 
It will be noted that the sulfur atom has another pair of unshared 
electrons which, presumably, should be able to form a coordinate 
bond with another oxygen atom. In the SO3 molecule this addi- 
tional bond is fonned, as is shown 
in the accompanying diagram. 

The diagram of the SO2 mole- 
cule shows that more than one 
type of valence bond may exist 
in the same molecule and indi- 
cates the difficulty of stating the 
“ valence ” of an element or group 
unless the type of valence con- 
cerned is specified. Thus, while sulfur in SO2 is usually con- 
sidered to have a “ valence ” of 4, this valence really consists of 
a covalence of 2 and a coordinate valence of 1 . For convenience, 
the number 4 may be called the “ apparent valence ” or “ valence 
number ” of sulfur in SO2; similarly, in SO3 the apparent valence 
of the sulfur is 6. 

Valence Bonds and Ionization. When a substance containing 
polar bonds is dissolved in a polar solvent such as water, the polar 
bonds are broken and the ions move about more or less independ- 
ently of each other. This is equivalent to saying that compounds 
having polar bonds are completely ionized in solution, as they are 
in the solid state. On the other hand, covalent and coordinate 
bonds usually are not broken in solution; for exceptions, see page 
55. This means that atom groups which are held together by 
shared-electron bonds will usually remain intact and act as units 
in solution. The fact that the sulfate, phosphate and similar ions 
act as units in many chemical reactions is explained on this basis. 

Although a compound may contain no polar bonds and thus be 
undissociated or non-ionized in the pure condition, it may be con- 
siderably ionized when dissolved in a polar solvent — for example, 
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water — owing to the attraction of the polar solvent molecules for 
the atoms of the compound. This type of action will be considered 
later in some detail in the section dealing with the ionization of 
electrolytes (page 15). 

Variable Valence. Only a few of the elementary features of 
this interesting subject can be mentioned here. The observant 
student has already noticed that the number of electrons in the 
outermost orbit of the atom is not always the same as the number 
of the group in which the element is found in the Periodic Table. 

may also have discovered that, in many cases, if 8 is subtract ed 
^rom the number of electrons in the next lower orbit and if this 
■ difference i s added to the number in the outermost orbit the r e- 
sult will be tne normal valence f>;rniin of the element. T o^Uustrajbe. 
U has the configuration (4)-18-12-2 and appears in Group VI. If 
8 electrons are subtracted from the group containing 12, the differ- 
ence plus the 2 electrons in the last group totals 6. 

The preceding discussion suggests the possibility that electrons 
may ^f't into the vaLence orhit, trom the orbit next to it. thor ny 
changing the valence of the element. This is essentially what 
occurs when an element changes from one ionized valence to 
another, j^or jnstance, F^in the ferrous condition coii i gsponds. 
to the configuraKon^2^^^-8-l?^^''^^^ 2 valence electrons are 

Ids^ a fer7 ousiQn7F o++7 results. F e'inJ i£e Tcmc~c o nditiQ h!!3 ^ 
^^bnds ~to the co nhgu ratioh 2-8^13-3; loss of the 3 val oncc 
electrons m this cas e rcsults in the formation of a ferric ion, Fe"*”'"'*'. 
Fiements such as K, Ca^ Al7^tc^,,^h&rre-t»rgtal5lc^grb of 8 (;lec- 
trons in the orbit next to the valence orbit. There is therefore 
a negligible tendency for electrons to be transferred into the 
valence group and these elements accordingly exhibit only one 
valence state. 

In passing, it may be pointed out that the shift of electrons 
from one orbit to another corresponds to the absorption or emis- 
sion of light or other form of radiant energy. Compounds of 
metals of variable valence are almost invariably colored, whereas 
those of constant valence are usually colorless. The phenomenon 
of color in compounds therefore corresponds to the ease with which 
electrons shift from one orbit to another in the atoms. 

Acids and Bases. An add is a substance (molecule or ion) hav- 
ing the chemical property of losing a proton to another substance. 
Since a proton is th e same a s a hydrogen i on we can also sav that 
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aar ^cid is a substance that is-able to furnish hydrogen ions . This 
includ^alTlhe compounds such as HCl, HNO^ HC2H^02, etc., 
which commonly have the term acid included in their names, as 
well as certain other substances such as HCO3", NH4+, H 2 O, etc., 
which usually are not thought of as being acids. Acids are said 
to be monoprotic, diprotic, triprotic, etc., according to their 
ability to furnish 1, 2, 3 or more protons per molecule. 



fication are included such substances 03 hy^droxyl ion, a mmonia. 
^c et,fl.te io n and the like, since they are able to combine with 
hydrogen ions as indicated by the equations: 


OH" + H+ ^ H2O 
NH3 + H+ NH4+ 


C2H302" + H+ HC2H3O2 


One of the chief points of difference between the traditional 
and the modern idea of acids and bases is in the concept of a base. 
According to the traditional theory a substance is a base if, and 
only if, it provides hydroxyl ions. The modern theory states 
that it is not the substance that provides the hydroxyl ion but 
the hydroxyl ion itself that is the base. Thus, NaOH is not a base 
but it contains the base, OH". Moreover, there are many bases 
other than the hydroxyl ion, as indicated above. Compounds 
such as NaOH which furnish a high concentration of hydroxyl 
i^ns we call alkalies. 

A consideration of the definitions will indicate that every acid 
J^s related to some particular base in a definite way. This relation- 
ship is indicated by the general equation : 

acid base + H+ (1) 


that is, the substance remaining after the removal of a hydrogen 
ion from an acid is a base. It will be noticed that the forward 
reaction provides the definition of an acid, whereas the definition 
of a base depends on the reverse reaction, j^n acid and a base 
that are rp|p.t/>d w ^y indicated by the equation are called ^ 

coniuga te pair. Some examples of conjugate pairs are the follow- 
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ing, the acid being mentioned first; 

H2O, oh: Hci, cr 

HC2H3O2, C2H3O2" HC03", CO3- 

NH4+, NH3 H2S, HS’ 

Our definition states that an acid must be capable of losing a 
proton to another substance. This implies that the proton is 
transferred from one acid to some proton acceptor and that 
therefore our simple equation ; 

acid base + H'*' 
is incomplete and might better be written: 

acid 4 - proton acceptor :;=i base + (proton acceptor) •H+ ( 2 ) 

This indicates that in solutions the protons are always present 
in combination with some other ion or molecule and never exist 
in the form of simple hydrogen ions. The solvent itself frequently 
functions as a proton acceptor, so the above equation may be 
rewritten for aqueous solutions in the following form: 

acid + H2O ;=± base + H20-H+ ( 3 ) 

The ion H0O H+ or HaOt is called th e hydroniu m or oxonium 
ion anH^_n wing_to the action indic ated.., bv the eq uation. is. present 
"’r? r” s olutions. This is not a “ theoretical ” state- 

ment; the actual existence of H3O+ ions is indicated by many 
types of experimental evidence which, however, cannot be de- 
scribed here. 

Consideration of equation ( 2 ) leads to a very simple obser- 
i^ation. The substance that we have designated as “ proton 
acceptor ” agrees with the definition of a base since it accepts a 
proton from the acid. Also, the H3O+ ion satisfies the require- 
ment for an acid since the equation : 

H3O+ ±:? H+ 4- H2O 

describes its nature. The conclusion is that any acid-base rerwtion 
really involves two adds and two bases, i.e., two conjugate pairs. 
The most general equation then is of the type: 

acidi 4- ba8e2 basei 4 - acid2 
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where (acidi, basei) and (acidg, base2) are conjugate pairs, 
example, the reaction which is usually written, as: 


is in reality: 


Hci -> H+ + cr 



HCl + H2O cr + H3O+ 

(acidi) (base2) (basei) (acid2) 


Foi 


Of course, the solvent is not necessarily included in the equation 
since some other proton acceptor may be present, as the following 
eauations show: 

HCl + NH3 -> cr + NH4+ 


H2PO4" + CO3" HPO4- + HCOa' 


The preceding discussion presents the essential features of the 
jJisansted^flLSSJI^ concept of acid-base reactions. These ideas 
may easily be extended to non-aqueous solutions and thus are 
useful in correlating large numbers of otherwise unrelated facts 
and phenomena. To illustrate, liquid ammonia is slightly ionized 
as follows: 

2NH3 NH4+ + NH2" 

a reaction analogous to that for the ionization of water: 

2H2O H3O+ + OH" 


Few substances arc known which in the solid state contain the 
H30‘*' ion; those that do, however, behave as acids in water solu- 
tion. On the other hand, many compounds are known which 
contain the NH4+ ion and these, when dissolved in liquid ammonia, 
behave as acids. That is to say,.NH4Cl, for instance, is a strong 
acid in liquid ammonia solution. Likewise, any substance, such 
as HCl, which can furnish a proton, will act as an acid since by the 
reaction : 

HCl -b NH3 (solvent) -> NH4+ + Cl" 

an ammonium ion is produced. In general, for hydrogen-con- 
taining solvents, any substance which in solution gives the same 
cation as is formed by the ionization of. the solvent itself will 
behave as an acid and any substance that combines with the acid 
cation will behave as a base. From the ionization equation it is 
apparent that any substance, such as KNH2, which supplies the 
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amide ion, NH2“, will act as a base in liquid ammonia; the real 
base is, of course, not KNH2 but the amide ion, NHa”. 

Hydration of Ions. One other point remains to be mentioned. 
When we consider thp i bydrnninm n hydntnd hyd-^ 

gen io n it must not be supposed that hvd rft^^’^^ pe/^nlinr tn tLp 

FSvfirngen ion. ^ All inns in_ w ater, soli nrA — to an 

indefinite an^ unknown extent, to be sure — and might be repre- 
sented as Na(H20)x'^, Cl(H20)j,", and so on. Since the extent 
of the hydration is unknown and since the inclusion of the water 
in the formula of the ion contributes little to our knowledge of the 
properties of the ion, we shall omit it entirely in subsequent 
discussions. When we look at the for mula of an ion, howe ver, 
we s hall remember that the ioirrea^/v is hy^rak d. and thaii. thg 
formula, although It tells the truth, does not tell the whole truth. 

The situation in the case of the hydronium ion is, however, 
somewhat different. Owing to its very small size — approximately 
1/100,000 of the diameter of an ordinary atom — the proton 
probably is buried within, or is surrounded by, a single water 
molecule. This moans that, although it is conceivable that the 
proton may be attached to a number of water molecules, the prob- 
ability is great that it is associated with only one and, therefore, 
the degree of hydration is somewhat less indefinite than it is for 
any other ion. Moreover, as mentioned previously, II3O+ ions 
have been definitely identified in some compounds. But now, 
having justified a belief in the existence- of H3C)+ ions, we shall for 
simplicity henceforth omit the water from our written formulas, 
just as wc do with the other hydrated ions. The symbol 
^igyest. however, that what we are really talking about is th e 
%idratednro tnn. more completely rcpreseixt^ by H3O+ . 

Salts. Up to this point we have not even mentioned the term 
“ salt.” As a matter of fact, there is no definite place for the 
word in the Bronsted-Lowry concept, but the convenience and 
widespread use of the traditional classification make it desirable 
to retain the term. We may say then somewhat arbitrarily, con- 
sidering aqueous solutions only, tl^at^. salt is a su bstance which 
consis^^^S p^-nyides some positive ion other than hydrogen ion 
and some negativ e ot.hAr than hyrlroxyl inn, '1’^his is equivalent 
to the usual definition and will include and exclude the same 
compounds as the statement that a salt is one product of the 
neutralization of an acid by a (traditional) base. 
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It should be pointed out that the class in which a given elec- 
trolyte is placed depends in many cases upon the solvent that is 
being considered. NH4CI, for example, is a salt in water but an 
acid in liquid ammonia. It is unfortunate in some respects that 
the universal use of water as a solvent has resulted in the develop- 
ment of a classification applicable in many cases only to water, 
with the result that far-reaching generalizations applicable to all 
solvents may be obscured or disregarded. 

The Extent of Ionization. If the extent to which different acids, 
bases and salts ionize is compared for solutions containing equal 
?ram-molecular weights of the solute and at the same temperature, 
it will be found that this varies considerably with different elec- 
trolytes. Electrolytes in moderately rfihitf. solutions, in w hich 
the proportion nf_ the ionized to the non-ionized part is large, a re 
sjbrong electrolytes . Examples of strong electrolytes are solu- 
tions of HCl, NaOH, NaCl and, as a general rule, most inorganic 
salts. On the other hand, weak electrolytes are those in whic h 
the te ndency to ionize in moderately dilute solutions is relativ ely 
small, such solutions of N H3, HC2H3O2, H2S, H2CO3 and 
water itself. 

Table I shows the percentage of ionization of solutions of com- 
mon acids, bases and salts, each containing 0.1 of the molecular 
weight of the solute in grams in a liter of solution. Solutions 
containing this amount of solute are known as 0.1 M solutions. 
Note that for acids the degree or percentage of ionization varies 
from 92.0 per cent for HCl to 0.01 per cent for HCN, for sfllutions^ 
of equal strength, and that the primary ionization for l^lybasic^ 
acids takes place to a much greater extent than the secondary and 
tertiary. Note, too, that NaOH is typical of a strong base whereas 
NH4OH is a weak base. The behavior of salts depends upon the 
type and, as a general rule, for such concentrations as are usually 
employed in laboratory reagents the percentage of ionization is 
large. A few salts, notably certain salts of mercury, lead acetate, 
ferric acetate and a few others, are exceptions in that their ioniza- 
tion is abnormally weak. ^ , 

• Ionization and Concentration. The foregoing discussion and 
Table I have shown that the percentage of ionization differs 
widely for different electrolytes in solutions of the same con- 
centration. For the same electrolyte the ionization varies with 
the concentration, if temperature and other factors remain un- 
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TABLE I 

Pekcbntagb Ionization of Common Acids, Bases and Salts in 0.1 Molar 

Solutions at 18° C. 


Acid 

Ionization Reaction 

Per Cent 
Ionized 

Hydrochloric 

HCl ^ H+ + cr 

92.0 

Nitric 

HNOs H+ + NO 3 " 

92.0 

Nitrous 

HNO 2 H+ -f NOa’ 

8.0 

Formic 

IICHO 2 ^ H+ + CHOa" 

4.5 

Acetic 

HC 2 H 3 O 2 + C 2 H 3 O 2 " 

1.34 

* 0.01 

Hydrocyanic 

HCN H+ + CN~ 

i 

Sulfuric 

H 2 SO 4 H+ 4 - HSO 4 " 

90.0 


HS04' H+ + SO 4 - 

60.0 

Oxalic 

H 2 C 2 O 4 + HC 2 O 4 ' 

40.0 


HC 204 " H+ + C 2 O 4 - 

! 1.0 

Carbonic 

H 2 CO 3 ^11+ + HC 03 ’ 

1 0.12 


HCOs' ^Jl+ + CO 3 - 

0.0017 

Hydrosulfuric 

HaS H+ + HS' 

0.05 

♦ 

HS" H+ + S- 

0.0001 

Phosphoric 

H 3 PO 4 ^'R+ + HiPOf 

27.0 


H 2 PO 4 " H+ + HPO 4 - 

0.1 


HPO 4 - H+ + P 04 = 

0.0001 

Water 

HOH :;=i H+ + Oil" 

0.0000002 

Base 



Sodium hydroxide 

NaOH Na+ + OH' 

90.5 

Ammonium hydroxide 

NH 4 OH ^ NH 4 + + OH’ 

1.31 

Calcium hydroxide 

Ca(OH )2 ^ Ca++ + 20 H’ 


Salt 

Examples 


Uni-univalent 

KCl, NaNOs, NH 4 CI, NaCaHaOa 

80-85 

Uni-bivalent 

CaCla, K 2 SO 4 , etc. 

70-75 

Bi-l)ivalent 

MgS 04 , CuS 04 , etc. 

35-45 


altered. That is^ the more dilute. the solution, the greater will bt 
tha dpgrfte of ionization. If we take, for example, a liter of a 01 
molar solution of acetic acid, in which the degree of ionization 
is 1.34 per cent, and dilute it with 9 liters of water, the resulting 
solution will be only one-tenth as concentrated and if we measure, 
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by electrical conductivity or other methods, the new degree of 
ionization, we will find it to be 4.17 per cent at 18 ° C. Further 
dilution will result in still greater ionization, until in extremely 
diluted solutions there is no further increase in ionization. When 
this point of infinite dilution is reached the solution is 100 per cent 
ionized. 

The variation of the degree of ionization with concentration 
is shown in Table II for two strong acids, two weak acids, a strong 
base, NaOH, a weak base, NH4OH, and a number of salts. 


TABLE II 

Variation of Pebcentaqe Ionization with Concentration at 18° C. 


Electrolyte 

Concentration of Electrolyte in 
per Liter 

Moles 

1 M 

0.1 M 

0.01 M 

0.001 M 

HCl 

80.0 

92.0 

97.2 

99.0 

HNO 3 

85.0 

92.0 

96.9 

99.0 

HCHO 2 at 25° C. 

1.5 

4.5 

13.4 

35.8 

HC 2 H 3 O 2 

0.4 

1.34 

4.17 

11.7 

NaOH 

77.0 

90.5 

93.3 

97.1 

NH 4 OH 

0.4 

1..31 

4.07 

11.7 

NaCl 

74.1 

85.2 

93.6 

97.7 

AgNOs 


81.4 

93.1 

97.7 

NaCHOz 

59.5 

85.4 

93.1 


NaC2H302 

52.6 

77.9 

89.4 


NH 4 CI 

74.7 

85.3 

94.0 


K 2 SO 4 


67.3 

83.2 

93.7 

MgCl 2 


72.8 

85.1 

93.9 

MgS04 


40.3 

59.6 

82.3 


Note that for the strong acids, for NaOH and for many of the 
salts, the ionization is nearly complete in 0.001 M , solution, and 
that for the weak acids and NH4OH much greater dilution than 
shown here will be required to bring about complete ionization. 
As noted in a previous paragraph (see page 14 ), a solute is con- 
sidered a strong electrolyte if the proportion of ions to the non- 
ionized fraction is large when the total amount of dissolved solute 
is relatively large. Acetic acid and ammonium hydroxide are 
not considered strong electrolytes because it is only in extremely 
dilute solutions that the concentration of ions predominates over 
the non-ionized molecules. 
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That increase in ionization is a necessary consequence of increas- 
ing the dilution will be shown, on page 56, when the equilibrium 
relationships in solutions are treated in a quantitative way. 

Ionization and Temperature. With an increase in tempera- 
ture most electrolytes show a decre^e in the t^HreSTItane of ioii iza? 
tion.t Thus in 0.08 M solutions of MUl at 18° C. the percentage 
ionized is 93.2; at 100° C. it is 89.7. For the same conditions in 
the case of HC2H3O2 the values are 1.5 per cent and 1.17 per cent, 
respectively. Wa] ^r is an exception to thi s rul e, the ionizatj on 
so mcwh.^ w ith risemtemperaturerT^ 

on. Ffectr^Iy^es ionize to a greater 
extent in water than in most other solvents. Water is also the 
commonest solvent. Other ionizing solvents are liquid ammonia, 
liquid hydrocyanic acid and liquid sulfur dioxide. The ability 
of a solvent to bring about ionization is related to its dielectric 
constant and, in general, the greater the dielectric constant, the 
better the medium for ionization of the solute to take place. 
The presence of other dissolved substances also influences the 
extent of ionization of many solutes. 

The Debye-Hiickel Theory. We have mentioned previously 
the abnormal effect of electrolytes on the freezing and boiling 
points and similar properties of solutions. According to tHe 
Arrhenius theory of ionization an ion has the same ability tc^ 
lower the freezing point (for example) as a non-ionized molecule.' 
Hence, if a molecule divides into 2 ions, 1 gram-molecular weight 
of the substance in 1000 grams of water should produce a lowe^ 
ing of twice 1.86°, provided the substance is completely ionized. 
Ordinarily, however, the lowering actually measured is somewh^e 
between 1.86° and 2 X 1.86° for a substance giving 2 ions pe^ 
molecule, and somewhere between 1.86° and 3 X 1.86° for a sub- 
stance giving 3 ions per molecule, ^ jrhenius interpreted thia 
b ehavior as indicating incomplete dissociation of th e 
“ Calculated the percentage of ionization whi ch would have to 
occur to account for the experimental results.^ This expilanation 
seemed to be supported by the observation that when a solution 
of an electrol5de is diluted the calculated degree of ionization 
increases until in very dilute solutions it approaches or even 
reaches 100 per cent. 

Since most salts in the solid state consist exclusively of ions it 
is reasonable to suppose that they would also be completely 
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ionized in solution. If such is the case some other explanation 
must be found for the experimental observation that, except in 
very dilute solution, the freezing-point lowering is less than it 
would be if each ion had the same effect as a non-ionized molecule. 
This difficulty exists only for strong electrolytes; weak electro- 
lytes are admittedly incompletely ionized, so the Arrhtenius 
theory is applicable to them. 

To account for the behavior of strong electrolytes Debye and 
Huckel d eveloped mathematically a th^rv wmch assumes com- 
plete lohizatiori "bf^strong electrolytes in solution. Simply ex- 
pressed, this theory states that in the immediate neighborhood of 
any cation there are more anions than cations, and near any 
anion there arc mor y tLan anmna This may be attributed 

to the well-known fact that opposite charges attract and like 
charges repel. A somewhat similar situation exists in salt 
crystals. In NaCl, for example, each sodium ion is surrounded 
at equal distances by 6 chloride ions and each chloride ion is 
likewise surrounded by G sodium ions. Consideration of such 
a crystal may aid in visualizing the situation existing in a solution, 
but it must be remembered that in the solution the ions are free 
to move, and the number and distances of the surrounding ions 
are by no means definite. 

The effect of the “ cloud ” or “ atmosphere ” of ions surrounding 
a particular ion is to restrict the motion of the ion in question, for 
motion of the ion will be opposed by the attraction of the oppo- 
sitely charged ionic atmosphere. This restriction of motion mani- 
fests itself as a decreased activity of the ion, i.e., the ion will have 
less effect in lowering the freezing point than it would have if its 
motion were unopposed by oppositely charged ions. As the solu- 
tion is diluted the distances between the ions become greater, thus 
decreasing the effect of the ionic atmosphere and allowing the ions 
to exhibit their full influence on the freezing and boiling points. 
For very dilute solutions the Debye-Hiickel and Arrhenius theories 
are equivalent as far as we are concerned. 

The Concept of Activity. The change produced in the conduc- 
tivity and related properties when a solution of a stro n g electroly te 
is dilute d may be explained in either of two wavs: T l ) tHe mobilit y 
or freedo m of mot, inn of t he ions mav remain constant but th e 
number may i a f .i:ea fl e. nwin^tn t.hp 
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(since, there are no non-ionized solute molecules present) but the 
the ions may increase, owing to a decreased interfer- 
ence from the i onic atmosphere siirronndinp; each. The first 
assumption Is made in the development of the Arrhenius theory 
and the second underlies the Debye-Hiickel theory, ' ^le firet 
rn"^^’tinn pppbv” wpsk electrolytes and tbe seconr l 
nlectro|vtes.^ 

To take into account the experimental fact that strong electro- 
lytes appear to be incompletely ionized, as judged by their effect 
on vapor pressures, etc., a term called the activity or effective 
concentration is introduced. Numerically, the activity of a mole- 
cule or ion in a given solution is equal to the concentration that it 
would have to have jo give the observed effect on the vapor ores- 
^rc if each molecule or ionhadthe_ same effect that it has in a very 
dilute so lution. The activity is related to the concentration by 
the expression: 

where / is a fraction called the activity coefficient. 

The activity coefficient is similar in many respects to the 
degree of ionization used in connection with weak electrolytes. It 
increases with the dilution and becomes equal to 1 in very dilute 
solutions. It is decreased by the addition of ions other than the 
ones under consideration; some results of this behavior will be 
considered in the discussion of the salt effect (page 72). 

The experimental determination of activities and activity coef- 
ficients is not easy. Moreover, owing primarily to the difficulty 
of securing appropriate data, activities do not lend themselves 
so readily to elementary calculations as do concentrations. Xt 
should be realized t hat, even for weak electrolytes and iron - 
clectrol ytes activities must~Be usea insiead of concentrations ij 
■perfect accuracy is desired. The common failure to do this sac- 
iifices a small amount of accuracy for a cdnsiderable gain in 
simplicity. 


REVIEW EXERCISES — SET 1 

1. Define a solution. Give examples of the different kinds of solutions 
with respect to solute and solvent. 

2. Differentiate between electrolytes and non-electrolytes; weak and 
strong electrol 3 des; acids and bases. What effect has dilution on degree of 
ionization? 
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3 . From the list of reagents used in the laboratory (see Appendix, page 
323) select several examples of (Sach of the following types of solutions: solid- 
in-liquid; gas-in-liquid; liquid-in-liquid. What other types of solutions 
exist? 

4 . A substance which dissolves only to a limited extent may be com- 
pletely iqpized but the solution may not conduct a current as well as a solution 
of a weak electrolyte such as acetic acid. Is such a slightly soluble compound 
a strong or a weak electrolyte? Explain. 

6 . What is the difference in molecular structure between an electrolyte 
and a non-electrolyte? State whether a compound containing at least one 
ionized bond must be, may be, or cannot be an electrolyte. Do likewise for 
compounds containing the other two types of bonds and then consider various 
combinations of the three types in the same compound. 

6. Referring, if necessary, to your general chemistry textbook, state 
what general conclusions may be drawn as to the solubility in water of each 
of the following classes of compounds: chlorides, nitrates, sulfates, alkali 
metal salts, sulfides. 

7 . Predict how each of the following substances would behave in liquid 
ammonia solution: (NH4)2S04, KNH2, H2O, HCl, KNO3, CP. If the sub- 
stance acts as an acid or base write the equation and indicate the conjugate 
base or acid. 

8 . What general rule applies to the extent of ionization of electrolytes 
that ionize in several stages? Illustrate your answer with suitable examples. 

9 . Explain the Brbnsted-Lowry concept of acids and bases. In what 
respects does it differ from the traditional concept? 

10 . Describe the essential features of and the differences between the 
Arrhenius and the Debye-Hlickel theories. To what type of solution is each 
applicable? 


REAGENTS 

In the laboratory work of qualitative analysis, the experimenter 
is primarily and continuously engaged in observing and actually 
applying the effect of reagents on test substances of known and 
unknown composition. In fact, from the experimental side it 
may be said that qualitative analysis consists very largely of the 
correct use of reagents. At the outset, therefore, in the study of 
this subject, the student must become acquainted with the re- 
agents to be employed, prepare a number of them himself and 
learn how to carry out the calculations involved in the preparation 
and use of a wide variety of reagents. 

The list of reagents found in the Appendix (page 323) should 
be examined. Instructions are given on page 23 for the prepa- 
ration of certain reagent solutions. The preparation of solutions 
of the samples of known and unknown composition make up an 
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important part of the laboratory work. It is customary to study 
first the analytical properties and reactions of the ions separately 
as detailed under each cation and anion and to follow this by the 
analysis of mixtures of known composition, designated as “ Prac- 
tice Analyses ” before the analysis of samples of unknown com- 
position is undertaken. The test ions are usuall.y supplied in the 
form of test solutions, the preparation and nature of which are 
described on the following page. 

It is convenient to classify the test substances and reagents 
under the following heads : 

A. Test Substances. 

1. Test solutions. 

2 . “ Known ” mixtures of cation and anion solutions. 

3. “ Unknown ” samples. 

B. Reagents. 

1 . Gases, such as H 2 S. 

2 . Pure liquids, such as the organic solvents ether, chloro- 

form, carbon tetrachloride, etc. 

3. Solid reagents, such as KCIO 3 , NH 4 CI, Na 2 C 03 , metals, 

etc. 

4. Solutions of various kinds made by: 

a. Dissolving gases in water. 

b. Dissolving liquids in water. 

c. Dissolving solids in water. 

d. Diluting “ concentrated ” reagents. 

On the basis of the effect to be produced, the uses to which these 
reagents are put may be summarized as follows : 

1. For dissolving samples, precipitates and residues. 

2. For acidifying, neutralizing or rendering a solution alkaline. 

3. For precipitating. 

4. For oxidizing or reducing. 

Methods of Expressing the Concentration of Solutions. The 

strength of a solution may be expressed in a number of ways; 
the following types of solutions, with respect to the method, 
units or system used to designate the concentration, are recog- 
nized in analytical chemistry. 

1 . Test Solutions. The so-called test solutions contain the 
individual ions whose characteristic reactions and properties are 
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usually studied in the preliminary experiments. A series of cation 
test solutions, made whenever possible from the nitrates of the 
metals, and a series of anion test solutions, made from the sodium 
or potassium salts of the acids, are usually prepared. In these 
solutions the cation or anion content is kept uniform, each milli- 
liter of solution containing 10 milligrams (0.01 gram) of the ion. 
These solutions therefore represent one type of concentration 
measurement. In the Appendix (pages 328-329) will be found a 
list of cation test solutions and a list of anion test solutions. The 
preparation of the test solutions involves a simple direct proportion 
calculation which may be illustrated by the case of the silver-ion 
test solution. 

How much AgNOa should be weighed out, dissolved in water 
and diluted to 1 liter, in order that each milliliter will contain 10 
milligrams of Ag+ ion (assuming that all the silver is in the ionic 
condition)? 

Since 1 ml. is to contain 10 milligrams or 0.01 gram, 1 liter 
will contain 1000 X 0.01 or 10 grams of silver as Ag+ ion. It is 
then a simple matter to calculate the weight of AgNOa required 
to furnish 10 grams of silver from the following proportion : 

Ag : AgNOa = 10 : a; 

( 107 . 88 ) ( 160 . 89 ) 

from which x, the weight of AgNOa required, is found to be 15.75 
grams. 

The advantage resulting from the use of test solutions of uniform, 
known strength lies in the fact that the sensitiveness of the test 
can be studied with better results. Some judgment can be 
formed of the relative amounts of each component present in a 
mixture if the preliminary work is carried out with solutions of 
known and uniform strength. In this way a qualitative analysis 
becomes an approximate quantitative one. The student should 
always exercise judgment in distinguishing traces from consider- 
able quantities of a constituent found in the course of an analysis. 

—2. Empirical Solutions. The solutions resulting from dis- 
solving solid samples and a great many of the reagent solutions 
represent another type, in that there is nothing uniform in regard 
to their strength, each individual solution being made up of 
a strength best suited for its particular use. These may be called 
empirical solutions. In this connection examine the list of re- 
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agents in the Appendix (pages 323 -325). The concentration of 
these solutions may be expressed in grams of solute per liter or 
per milliliter. If expressed in grams of solute or its equivalent 
per milliliter, the term titre is sometimes applied. Thus a solution 
containing, for example, 0.050 gram of P04= per milliliter is referred 
to as one having a phosphate titre of 0.050. The concept of titre 
is limited to the solutions an.d calculations of quantitative analysis. 

3. Per-Cent-hy-W eight Solutions. The strength of certain 
solutions is sometimes designated by the percentage by weight of 
solute contained in the solution. Thus a solution which contains, 
say, 20 grams of the solute in 100 grams of the solution is a 20 
per cent solution. 

4. Designation by Means of Specific Gravity. The specific 
gravity of a solution is sometimes used to indicate the strength 
of a reagent solution. Tliis system is employed only in con- 
junction with the percentage by weight and necessitates the use 
of a specific gravity table for each kind of solution. The con- 
centration of the common neutralization reagents, namely HCl, 
H2SO4, HNO3 and NH4OH is expressed in terms of the specific 
gravity with or without the corresponding percentage by weight. 

To illustrate, the concentrated hydrocliloric acid solution 
ordinarily supplied in the laboratory has a specific gravity of about 
1.190. Reference to the specific gravity table in the Appendix 
(pages 334-335) shows that a solution of HCl of this specific grav- 
ity contains, at 15° C., 37.23 per cent of the solute, hydrogen 
chloride. One milliliter of this reagent, weighing 1.190 grams, 
Avill contain 0.3723 X 1.190 or 0.4430 gram of pure HCl. 

To prepare a dilute solution of this acid for the usual laboratory 
uses, the amount of water to be added to the concentrated reagent 
must be calculated. A typical calculation of this kind is here 
given. 

Suppose that it is desired to prepare a “ dilute ” hydrochloric 
acid reagent by dilution of 50 ml. of the concentrated reagent, so 
that the resulting solution will have a specific gravity of 1.100* 
How much water should be added? 

Since the original solution has a specific gravity of 1.190 and 
contains 37.23 per cent of HCl by weight, the total weight of pure 
HCl in the 50 ml. will be 


50 X 1.190 X 0.3723 = 22.15 grams of pure HCl 
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The final solution should have a specific gravity of 1.100, which, 
irom the table in the Appendix (pages 334-335) is found to con- 
tain 20.01 per cent of HCl. Letting x equal the weight and hence 
the volume of water to be added, we can express the calculation 
as follows: 

22.15 = [(50 X 1.190) + x] 0.2001 

that is, 20.01 per cent of the total weight of the mixture is pure 
HCl and we started with 22.15 grams of pure HCl. Solving, we 
find X equal to 51.2 grams of water; hence 51.2 ml. of water are 
to be used. 

Special attention is called to the specific gravity table for 
ammonia solutions in the Appendix (page 333). Note that 
the percentage of solute is given in terms of NH3 and not 
NH4OH. 

5. Normal Solutions. This system of concentration, exten- 
sively employed in quantitative analysis, is sometimes used in 
qualitative analysis to designate the strength of reagent solutions. 
A normal solution contains a gram-equivalent weight of the solute 
per liter of solution. A gram-equivalent weight is that amount of 
reactant which will bi-ing into reaction, directly or indirectly, 1.008 
grams of hydrogen. A normal solution of any acid therefore 
contains 1.008 grams of replaceable hydrogen; if the acid is 
monobasic, such as HCl, HNO3 or HC2H3O2, the molecular weight 
in grams will furnish the required gram-equivalent weight of 
hydrogen. A normal solution of H2SO4 contains one-half the 
molecular weight of H2SO4 in grams per liter of solution. Corre- 
sponding definitions hold for normal solutions of bases, of precipi- 
tating agents and of oxidizing and reducing agents. 

6. ^olar Solutions. A molar solution contains the molecular 
weight in grams of the solute in a liter of solution. Although molar 
solutions are not usually employed as actual laboratory re- 
agents, the units of concentration used, the gram-mole, or the 
corresponding terms gram-ion and gram-atom, are tremendously 
important iii the mathematical treatment of all equilibria re- 
lationships. 

7. Moktt Solutions. A molal solution contains one gram- 
molecular weight of the solute in 1000 grams of the solvent. In 
discussing the freezing points and boiling points of solutions con- 
centrations are always specified in this way. 
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Gram-Atom, Gram-Mole and Gram-Ion Quantities. A gram- 
atom or a gram-atomic weight of an element is a weight in grams 
equal to' the atomic weight of that clement. Thus, a gram-atom 
of sodium consists of 22.997 grams of sodium, since this number 
is the atomic weight of sodium. Likewise 35.457 grams of cldo- 
rine is 1 gram-atom of chlorine and 1.008 grams of hydrogen is 
1 gram-atom of hydrogen. One-half of the atomic weight of an 
element in grams constitutes one-half a gram-atom; one-tenth of 
the atomic weight in grams, a tenth of a gram-atom, etc. 

A gram-mole or a gram-molecular weight (sometimes simply 
called a mole) is the molecular weight of a substance in grams. 
One gram-mole of AgCl, for example, consists of 143.337 grams 
of this compound, this number being the molecular weight of 
AgCl. A gram-mole of HCl weighs 36.405 grams, and a gram- 
mole of NaOH, 40.005 grams. One-half of the molecular weight 
is a half-mole, and one-tenth of the molecular weight constitutes 
0.1 of a gram-mole. Thus 0.5 of 36.405 or 18.233 grams of HCl is 
0.5 of a gram-mole of HCl, and 3.647 grams of HCl is 0.1 of a 
gram-mole of HCl. 

A gram-ion is the atomic or molecular weight of the ion in grams, 
'riiat is, if the ions in a solution consist of charged atovis, such as 
Ag+, H+, Cr, etc., the atomic weight in grams of the element in 
question constitutes 1 gram-ion; if the ions consist of charged 
groups of atoms, such as the ammonium ion, NII,i+, the nitrate ion, 
NOa", the sulfate ion, 804^“, or the acetate ion, CaHaOa , the 
molecular weight of the charged radical, in grams, constitutes a 
gram-ion. If, for example, a solution of PICl contains 1.008 grams 
of H+ ion and 35.457 grams of CP ion, there are present 1 gram- 
ion of hydrogen ions and 1 gram-iflPn of chloride ions; or, again, if 
a certain solution is made by difssolving 1 gram-molecular weight 
of _AgN03^j^g|p,ter and the resulting solution is completely ionized 
into Ag+ ion^nd NOa" ions, the solution will contain 1 gram-ion 
of Ag+ ion (107.88 grams) and 1 gram-ion of NO3" ion (62.008 
grams). 

It is obvious that the three terms gram-atom, gram-mole and^ 
gram-ion are fundamentally alike and define the same kind of unit 
of measurement, or mass, differing only in that they refer to differ- 
ent conditions of matter. The gram-atom refers to the atomic 
state of an element, the gram-mole to a compound or uncharged 
radical and the gram-ion to an ionized atom or radical. This fine 
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distinction is one of exact definition rather than of any real differ- 
ence in meaning. 

These units are used to express the quantity or mass of sub- 
stance, and arc used in all equilibrium calculations. It is im- 
portant that the student thoroughly understand the meaning of 
these units and how they are obtained from the usual gram weights. 
The conversion from gram weights to gram-atom, gram-mole or 
gram-ion quantities is made by dividing the gram weight by the 
atomic or molecular weight: 

Weight in grams _ |Gram-atom, gram-mole or 

Atomic or molecular weight [ gram-ion quantity 

For example, the gram-mole quantity of AgNOs represented by 
16.98 grams of AgNOa is: 

16.98 „ , , 

= 0.1 of a gram-mole 

The gram-atom quantity of silver represented by 16.98 grams of 
AgNOa may be calculated either (1) by finding the weight of 
silver contained in the given weight of AgNOa and dividing this 
in turn by the atomic weight of Ag, or (2) more simply from th(' 
gram-mole quantity of AgNOa; for, since 1 molecule of AgNOa 
contains 1 atom of Ag, 0.1 of a gram-mole of AgNOa contains 0.1 
of a gram-atom of Ag. 

Furthermore, if this quantity of AgNOa were dissolved in a suffi- 
ciently large volume of water to result in complete ionization, 
tliere would be present 0.1 of a gram-ion of Ag+ ion. 

Conversely, to convert quaartitics expressed in terms of gram- 
mole, gram-atom or gram-ion units to gram weights, multiply 
the quantity by the molecular or atomic weight of the molecule, 
atom, or charged radical. 

Molar and Gram-Ion Concentrations. A molar solution has 
already been defined as one containing the molecular weight of 
the solute in grams in 1 liter of the solution. If one-half the molecu- 
lar weight in grams of the solute is present in a liter of the solution, 
the concentration of the solution is said to be 0.5 molar. In the 
case of AgNOa previously referred to, if 0.1 of a gram-mole of 
AgNOa per liter is present in a liter of the solution, the solution is 
0.1 M with respect to the solute; we say that its molarity is 0.1. 
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If this AgNOa solution is completely ionized, the gram-ion 
concentration of Ag+ ion as well as of NO3" ion is 0.1 of a gram- 
ion, i.e., CAg+ is 0.1 and Cno,- is likewise 0.1, the symbol C being 
used to designate concentration. 

It should be carefully noted that the terms molar concentration 
and gram-ion concentration refer specifically to the amount of 
solute and of ions, respectively, in a liter of solution. The gram- 
mole and gram-ion quantities are identical with the molar and 
gram-ion concentrations only when the volume of solution is 1 liter. 
For volumes other than a liter, the concentration remains the 
same but the absolute quantity will be different. Thus, if 200 ml. 
of a AgNOa solution containing 0.1 gram-mole of dissolved AgNOa 
per liter is taken, there is present only two-tenths of the amount 
of solute, namely 0.02 gram-mole, but the solution is still a 0.1' 
molar solution. 

When a solute ionizes to furnish two ions of the same kind and 
one of another kind as, for instance, in the case of Ca(NOa)2> 
which ionizes according to the scheme : 

Ca(NOa)2 ^ Ca++ -f- 2N03' 

the gram-ion concentration of NOa” ion is twice that of the Ca'^+^ 
ion. 

If the solution is known to be in(!oihpletcly ionized the gram- 
ion concentrations of the ions, as well as the gram-molar concen- 
tration of that portion of the solute which is not ionized, are 
readily found by multiplying the molarity of the solution by the 
degree of ionization. In the above case, supiiose that a 0.1 M 
solution of Ca(N03)2 is 85 per cent ionized. The concentration 
of the Ca"*^ ion is then 0.1 X O.Si^r 0.085 gram-ion, the concen- 
tration of the NOa” ion is 0.2 X 0.85 or 0.170 gram-ion and the 
concentration of the jion-ionized Ca(N03)2 is 0.1 X 0.15 or 
0.015 gram-mole. 

The Calculations of Qualitative Analysis. ' In the study of the 
fundamental theory and of the reactions of qualitative analysis, 
computations must frequently be made involving the concentra- 
tions of ions and non-ionized solutes, the use of various equilibrium 
constants, the effect of reagents, etc. In fact, the only effective 
way to understand thoroughly and apply properly the theoretical 
principles is through the use of numerical calculations. Equilib- 
rium calculations of one kind or another are the most important 
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types of computations encountered in the study of qualitativt 
analysis. In these calculations, the data such as equilibrium 
constants and ionic concentrations are small numbers, and it is 
more convenient to express such quantities in the exponential 
form rather than as decimal fractions. 

The Use of Exponents in Calculation. The magnitude of a 
quantity is expressed in the exponential form by writing the digits 
as coefficients multiplied by 10 raised to the proper power. Thus 
the number 1000, which is the product of 10 X 10 X 10, or ten 
cubed, is written 1 X 10®. The number 0*001, the product of 
0.1 X 0.1 X 0.1, becomes 1 X 10""®, and 0.00(5wi becomes 1 X lO” ®, 
the significant figure, in each of the above cases 1 or unity, appear- 
ing as the coefficient, and the negative exponent being one more 
than the number of zeros used to locate the decimal point in the 
decimal fraction. When more than one significant figure appears 
in the number, it is conventional to place the decimal point after 
the first digit in the coefficient and to adjust the negative exponent 
accordingly. For example, 0.0000182 is written 1.82 X 10“®. 

In the operations of multiplying, dividing, squaring, cubing, 
extracting square and cube roots, etc., the numbers are expressed 
in the exponential form and the coefficients are treated in the 
ordinary arithmetical manner. The exponents are added alge- 
braically for a multiplication, doubled for squaring and tripled 
for cubing. In a division the exponents arc subtracted alge- 
braically; in extracting a square root, the exponent is divided by 
2, and for a cube root the exponent is divided by 3. 

REVIEW EXpftCISES— SET 2 

1. Calculate the number of grams of Cu(N03)2'6H20 which must be dis- 
solved to make a liter of test solution containing ^0 jMi11ip jrn,ms i^ja^n 

eaeh^m^lUi^r. What is the molar concentration of the solution? What is 
the gram-ion concentration of Cu^+j assuming complete ionization of the salt? 

2. Calculate the molarity of each of the following concentrated reagents: 
HCl, HNOs, H2SO4. (See Appendix, page 334.) 

3. It is desired to prepare molar solutions of HCl, H2SO4 and NH4OH. 
How many milliliters of the concentrated reagent must be diluted to a liter, 
in order to obtain solutions of the required strength? (See Appendix, page 
334.) 

4. If you wish to prepare a hydrochloric acid solution having a specific 
gravity of 1.12, how much water should you add to 200 ml. of a solution 
which contains 30.65 per cent by weight of HCl? 
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6 . A molar solution of NaOH is 76.6 per cent ionized at 25® G. Calculate 
the grams of non-ionized NaOH, Na"*" ion and OH" ion present in 1 liter. 

6 . What is the molarity of a solution containing 72 grams of HCl in a 
volume of 600 ml.? What weight of H 2 SO 4 in 600 ml. would make a solution 
of the same molarity as the above solution of HCl? 

7. Calculate the grams of compound required to make liter quantities of 
solutions of the following molarity : 

(a) liWAgNOs (c) 0 . 5 MNa 2 HPO 4 

(5) 0.1 M HC2H3O2 (d) OJ M K 2 Cr 04 

8 . How much HCl, H 2 SO 4 and HNO 3 , respectively, can be neutralized by 
10 grams of NaOH? 

9 . Express in the exponential form: 2,600,000; 0.00000083 ; 96,494; 
0.00000000^53; 745,900,000,000. 

10. Express in the decimal form: 6.03 X 10^®; 1.59 X 10“^^; 2.4 X 10®; 
6.845 X 10-1; 9 39 iq"®; 4.55 X lO^®. 

REACTIONS AND CHEMICAL EQUATIONS 

Ionic Nature of Reactions. The study of the reactions encoun- 
tered in the procedures of qualitative analysis constitutes one of 
the most important parts of the student’s work. In order to 
bring about sharp separations and distinctive tests the reactions 
utilized, in order to be of the greatest service, must go practically 
to completion. In an aqvKiOus solutiop practically all reactions 
are ionic in nature and, in most cases, reach equilibrium when the 
reaction has run almost to completion. The chemical changes 
which take place are the reactions between the ions involved and 
not between the molecules of the reacting substances. In other 
words, we are concerned almost entirely with ionic reactions, and 
the most general application which we can make of the theory of 
ionization is to realize that these chemical changes are ionic in 
nature. The reactions therefore are represented as ionic equations 
and are not in molecular foim. An example will make this clear. 
Suppose we take a solution of AgNOa and add |;o it dilute 'HCl. A 
curdy white precipitate of AgCl will at once form. The same 
result can be obtained by adding a solution of NaCl, NH4CI, 
BaCl 2 or other soluble chloride to a solution of any soluble silver 
salt. If the reaction were expressed in molecular form, as: 

HCl + AgNOa = AgCl + HNO3 (1) 

it would imply reaction between molecules. But we have ample 
evidence supporting the theory of ionization showing that dilute 
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solutions of AgNOa, HCl, NaCl, etc., are highly dissociated into 
their respective ions. The complete form in which reactions of 
this kind can be represented may be shown by the following 
schematic, arrangement: 

HCl H+ + Cr 

“b + 

AgNOa ^ NOa' Ag+ 

. jr jr 

HNOa AgCl 

The products formed by this double decomposition result from 
an interchange of ions of the original solutions. In view of the 
fact that one of the products in equation (1), nitric acid, is highly 
ionized there will be little or no tendency towards its formation. 
The other product, silver chloride, is only slightly soluble in the 
mixed solutions (a fact indicated by underscoring its formula). 
Silver ions and chloride ions thus unite and are removed in the 
form of an insoluble precipitate; this causes the reaction to go 
practically to completion. These are the ions that are affected 
in this reaction and this fact is expressed as a simple ionic equation : 

Ag+ + cr = AgCl 

The student should early acquire this ionic point of view and 
consider all reactions, with but few exceptions, as taking place 
between the ions concerned. 

Classification of Ionic Reactions. In general, it can be stated 
that an ionic reaction takes place, and in most cases runs prac- 
tically to completion, whenever ionic concentrations are decreased. 
The concentration of the reacting ions can be diminished in one 
of two general ways, namely (1) by ions uniting and (2) by ions 
transferring one or more electrons. These are the two important 
classes of reactions. In the first class are included several types, 
the reaction taking place because: 

a. A precipitate is formed, since, in the formation of a solid, 
ions are removed from solution. 

b. A weakly ionized acid or base or, in rare cases, a weakly 
ionized salt is the product of the reaction. This type includes, 
as well, the reactions of hydrolysis. Neutralization reactions also 
come under this heading, since the fundamental reaction here is 
the union* of H+ and OH“ to form water, and closely allied to this 
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All of these terms are in more or less general use but in this book 
we shall favor the term “ apparent valence.” 

An increase in apparent valence corresponds to a loss of elec- 
trons and a decrease to a gain of electrons. This is true whether 
the original apparent valence is positive or negative, provided the 
increase is considered algebraically; that is, if the original ap- 
parent valence is negative an increase corresponds to a decrease 
in the numerical value. To illustrate, a change in apparent 
valence from —3 to —6 is an algebraic decrease and represents 
a reduction. 

The Balancing of Redox Equations. Redox equations are often 
the cause of such great difficulty that many students try to evade 
the issue by attempting to memorize the equations encountered 
in the schemes of anal 3 ^sis. Aside from its po.s.sible value as a 
memory exercise this method of attack is to be condemned because 
it is so inefficient and unnecessary. A little mental effort devoted 
to understanding the ideas involved in writing these equations 
and to learning a s^^stematic method of balancing them will enable 
one to handle any equation ordinarily encountered in analytical 
work and render any attempt to remember the complete equa- 
tion not only useless but absurd. 

The fundamental fact upon which all systematic methods of 
balancing are based is that oxidation and reduction always take 
place in equivalent amounts; that is, exactly the same number of 
electrons is lost by the reducing agent as is gained by the oxidiz- 
ing agent. Any scheme for evaluating the number of electron.s 
transferred therefore constitutes a method of Ijalancing such 
equations. We shall consider only two of the many methods 
that have been proposed for accomplishing this: the ion-electron 
method and the valence-electron method. 

The Ion-Electron Method. Let us take as an example the 
oxidation of a solution of FeCL by a solution of potassium di- 
chromate acidified witl HCl. We know that the ferrous ion is 
here oxidized to the i ;rric ion whereas the dichromate ion is 
reduced to the chromic ion; since H+ ions and the oxygens from 
the Gr 207 =’ ion are also involved, water will be formed in the 
reaction. The unbalanced equation in ionic form can now be 
set down : 

Fe++ 4- CraO?^ + H+ Fe+++ + Cr+++ -j- H 2 O 
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The components in this equation are now resolved into their 
two separate equations, that for the oxidation of re+‘‘' being: 

Fe++ Fe+++ 

and for the reduction of the dichromate ion : 

CrgOy- + H+ Cr+++ + H2O 

The number of electrons associated with each equation must 
now be assigned. It is simple to see that the oxidation of a 
ferrous ion to the ferric ion is the result of the former having 
lost a single electron, whether we arrive at this decision by saying 
that 2 positive charges on the Fe++ ion now become 3 positive 
charges on the Fe+++ ion or whether we say that the valence has 
been changed from +2 to +3, since in this case the valence states 
are indicated by the number of charges carried by these ions. 
The half-cell or electron equation is therefore: 

Fe++ = Fe+++ -f- le 


The balancing of the half-cell equation for the reduction of the 
dichromate ion is not quite so simple. The way in which one 
determines the number of electrons which are transferred to the 
dichromate ion distinguishes the ion-electron method from other 
balancing methods. The rule here is first to balance chemically, 
that is, with respect to the number of atoms of each element 
involved. Since there are 2 chromium and 7 oxygen atoms in the 
Cr207 radical, the reaction calls for 14H+ giving 2Cr+++ and 
7H2O: 

Cr207“ + 14H+ 2Cr+++ -|- 7H2O 

The equation is next balanced electrically; that is, the number 
of electrons required is ascertained. The (Cr207)“ ion, as a 
whole, has 2 negative charges; the 14H+ ions have a total of 
14 positive charges, giving a net charge on the left side of the 
equation of 4-12. On the right side of the equation there are 2 
chromic ions, each with 3 positive charges, or a total of 4-6. In 
order to have the equation, as a whole, electrically neutral, 6 
negative charges, i.e., 6 electrons must be supplied. The bal- 
anced half-cell or electron equation is therefore: 

(CrgOr)- 4- 14H+ 4- 6e = 2Cr+++ 4“ THaO 
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These 6 electrons are furnished by the ferrous ions and since 
each re++ ion loses 1 electron, there are required 6Fe''‘+ to effect 
the reduction of the dichromate ion. 

The two half-cell equations are finally added: 

CraOy” + 14H+ + ^/ = 2Cr+++ -f- 7H2O 
0Fe++ = 6Fe+++ -f- 

CraOr" -j- 14H+ + 6Fc++ = 2Cr+++ -|- 7H2O -f- 6Fe+++ 

cancelling the electrons which are transferred and giving the 
final, complete equation in ionic form. 

If it becomes desirable or necessary to transform the ionic 
equation into a molecular one, the non-essential ions can easily 
be inserted by inspection and as.sociated with their proper partners 
in the form of molecules. In the equation just written the ions 
not included arc 2K+ from the K2Cr207, 1401” from 14HC1 and 
1201” from 6FeOl2. These arc paired off to give 20r0l3, fiFeOl^ 
and 2K01. The balanced equation in molecular form is therefore: 

K20r207 + 14H01 -f GFeOb = 20r0l3 + GFeOlg + 7H2O -h 2K01 

Rules for Using the Ion-Electron Method. 1. If the original 
unbalanced equation is presented in molecular form, the products 
being given, strip the equation of its non-essential or incidental 
ions and rewrite the equation in ionic form. If the reagents 
which are brought together and ,the essential products of the 
reaction are stated or known, set down only the essential ions 
and products as an unbalanced ionic equation. It is necessary, 
of course, to know in any case what the reduction and oxidation 
products are. 

2. The oxidizing agent and the product to which it is reduced 
are then picked out and set down as a skeleton equation ; likewise 
for the reducing agent and the product to which it is oxidized. 
For the example selected : 

Cr207” — » Cr++''' (reduction equation) 

Fe++ — > Fe+++ (oxidation equation) 

This step, which necessitates the recognition of the oxidizing and 
reducing agents, is the most troublesome part of this, as of any, 
method of handling redox equations. Suggestions will be given 
later for making it easier, but there is no way to remove entirely 
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the requirement of a background of specific chemical information 
in dealing with it. 

3. Next, balance the equations chemically, so that there are 
the same number of atoms of each element on each side of the 
equation. No difficulty is encoimtcred in those cases in which 
only one element in an ion is involved, but generally where 
oxy-ions are concerned, H"*', OH~ or H2O must be introduced. 
If it is definitely known that the reaction proceeds in an acid solu- 
tion, H+ ions are supplied to the left side of the equation and 
H2O is one of the products of the reaction; or, in an alkaline 
medium, OH" ions appear as initial reactants. In the case illus- 
trated the reduction equation becomes : 

Cr207“ + 14H+ 2Cr+++ -h THaO 

4. Evaluate the electron gain or loss in the reaction by finding 
the algebraic sum of the ion charges on the right and subtracting 
it algebraically from the sum found similarly for the ions on the 
left (this is the distinctive feature of this method). It is abso- 
lutely necessary to have the proper charge attached to each ion 
before evaluating the electron transfer. This evaluation can 
easily be carried out mentally. 

6. Multiply each equation by factors which will give the same 
number of electrons lost by the reducing agent as arc gained by 
the oxidizing agent, and then add the two half-cell equations; 
this step cancels the electrons. 

6. If it is desired to include the incidental ions, i.e., to write 
the equation in molecular form, this may be done by adding to 
both sides of the balanced ionic equation a sufficient number of 
each incidental ion to put it in the form of the original unbal- 
anced equation. 

The Valence-Electron Method. This method differs from the 
ion-electron method in that the number of electrons involved is 
determined on the basis of apparent valence changes of the atoms 
concerned rather than on an electrical balance of charges on the 
ions as a whole. For the purpose of comparison, the same reac- 
tion, namely, the oxidation of FeCl2 by an HCl solution of 
K2Cr207 will be given. In ionic unbalanced form the reaction 
is written : 

Fe++ + Cr207= + H+ Fe+++ + Cr+++ -|- H2O 
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As before, the equation for the oxidation of Fe+''’ can readily 
be balanced: 

Fe++ = Fe-H-t- + U 

since the valence is increased fi’om +2 to +3, requiring the loss 
of 1 electron. 

The balancing of the half-cell equation for the reduction of the 
dichromate ion, by the valence-electron method, is based upon 
determining the number of electrons needed, as determined by the 
apparent change in valence undergone by the chromium atom. 
In K 2 Cr 207 or in the ion, Cr 207 “, the “ apparent valence ” of each 
chromium atom is -j-G; we say that chromium here has an oxida- 
tion number of -1-6. This is deduced from the fact that each 
oxygen atom has a valence of —2 and each potassium atom a 
valence of -fl, l(;aving -f-12 for both chromium atoms or -1-6 per 
atom of chromium. In the chromic ion, C'r'''++, the chromium has 
a valence of -f-S. We have, therefore, in the partly completed 
equation ; 

Cr 207 “ +B.+ -^ 2Cr+++ -b HgO 

(2X0 = 12 + ) (2X3= 0+) 

2 chromium atoms each suffering a valence decrease of 4-3 or a 
total of 4-6. This calls for 6 electrons. The 7 oxygen atoms 
require 14 hydrogen ions, forming 7 H 2 O. The completed half- 
cell equation (^an now be written: 

C^r 207 = -f 1411+ 4- 6c = 2Cr+++ 4- 7 H 2 O 

To balance the electrons transferred from the reducing to the 
oxidizing agent requires multiplication of the Fe+'^' — Fe+++ re- 
action by 6. Adding the two equations gives the final balanced 
ionic equation : 

Cr 207 “ 4- 14H+ 4- = 2Cr+++ -f- 7 H 2 O 

6Fe++ = 6Fe+++ -f 0/ 

Cr 207 “ 4- 14H+ 4- 6Fe++ = 2Cr+++ 4- 7 H 2 O 4- 6Fe+++ 

Another Example. Another example of balancing redox equa 
tions will be helpful. If oxalic acid, H 2 C 2 O 4 , a good reducing 
agent, is added to a solution of KMn 04 acidified with dilute H2SO4, 
reduction of the permanganate takes place, with liberation of CO 2 . 
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The reaction may be expressed, in molecular form, by the follow- 
ing unbalanced equation: 

KMn 04 + H2SO4 + H2C2O4 MnS 04 + HgO + CO2 + K2SO4 

Rewriting this in ionic form to show only the ions and mole- 
cules actually concerned in the reaction, we have : 

Mn 04 “ + H+ -b C 204 “= Mn++ + H 2 O -b CO 2 

The equations for the oxidizing agent and for the reducing agent 
are next set up. The Mn 04 ” ion requires the presence of H+ 
ions for its reduction to Mn++. Accordingly, the components are 
assembled for this equation : 

Mn 04 " -b H+ -> Mn++ -b HgO 

By the ion-electron method, the chemical balance requires 8H+ 
for the 4 oxygen atoms in the Mn 04 “, giving 4 H 2 O: 

Mn 04 ~ + 8H+ Mn++ -b 4 H 2 O 

The electrical charges are now 4-8 on the hydrogen ions and — 1 
on the Mn 04 ~ ion, or a total of 47 on the left side of the equa- 
tion; but 2 positive charges remain 011 the manganous ion, 
the water being, of course, electrically neutral. To equalize the 
charges on both sides of the eciuation 5 electrons are re(iuired: 

Mn 04 ' 4 8H+ 4 5e = Mn++ 4 4 H 2 O (1) 

The balancing of this half-cgll equation might also be done by 
the valence-electron method. In KMiiO-t or in the Mn 04 ” ion, 
the manganese has an apparent valence or oxidation number of 
47 , but in Mn++ it is 42. There is a loss of 5 positive charges, 
requiring 5 electrons. As before, the chemical balance of atoms 
requires 8 hydrogen ions for the 4 oxygens, yielding 4 H 2 O. The 
balanced half-cell equation is then as given above (equation 1). 

The reducing ion, C2O4”, is oxidized to CO 2 . The equation 
for this change is easily balanced chemically : 

C204“ 2 CO 2 

and using the ion-electron method, since 2 negative charges are 
associated with the 0204”“ ion and the oxidation product, CO2, is 
electrically neutral, 2 electrons arc lost, giving the balanced half- 
cell equation : 


C 2 O 4 '" = 2 CO 2 4 2 e 


( 2 ) 
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One might also balance this equation by the valence-electron 
method, but not so simply. In the formula H2C2O4, each carbon 
atom has an average apparent valence of + 3 , since there are 40 “ 
or 8— charges, offset by 2+ charges on the hydrogen atoms, giving 
-1-6 for both carbons or +3 for each carbon atom. In CO2 each 
carbon has a valence of -+- 4 . There is thus an increase of apparent 
valence of -H 1 for each carbon atom or a tptal of -+-2, corresponding 
to the loss of 2 electrons. 

To balance the electrons transferred from the reducing ion to 
the oxidizing ion, equation ( 2 ) mast be multiplied by 5 and equa- 
tion (1) by 2; these, when added together and the electron 
cancelled, give: 

5C204“ = IOCO2 + 

2Mn04= + 16 H+ -H = 2 Mn++ -f- 8H2O 
2Mn04" -b 16 H+ -|- 50204-= - 2 Mn++ -b 8H2O + IOCO2 

To restore this ionic equation to the original molecular equation, 
in order to show how much of the two acids, H2SO4 and H2C2O4, 
is required, it is merely nece.ssary to assign 10 H+ to the 50204“ ; 
the remaining GH+ are furnished by 3H2SO4. The 2Mn04~ ions 
correspond to 2KMn04. Two 804“ ions account for 2MnS04, 
and 2K+ with the tliird 804= are written as K2SO4. It is thus 
found that 2 moles of KMn04 I'cact with 5 moles of H2O2O4, 
involving at the same time 3 moles of H28O4: 

2 KMn 04 + 3H2SO4 + 5H2O2O4 = 

2Mn804 -b 8H2O -b IOOO2 + K2SO4 

Some Suggestions for Balancing Redox Equations. To aid in 

picking out oxidizing and reducing agents the following hints may 
be useful, provided the complete, unbalanced equation is available. 

1. K+, Na+, Ca++, 8r++, Ba++, A 1 +++ and other ions of this 
type are never involved in oxidiation-reduction reactions and 
.should be ignored. Be on the lookout for such ions and com- 
pounds as Mn04”, Cr04“ or Cr207“, N02~, CF or CI2, Br” or Br2, 
I' or I2, 8" or HaS, H2O2, SOg", Fe++ or Fe+++, and the like. 
Other examples are listed in Tables III and IV. If any of these 
substances are present they are almost certain to be involved in 
the reaction. 
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2. Look for an element which is present in the elementary form 
on one side of the equation. Such an element is certain to be 
involved. The half -cell equation is then formed by using the free 
element and the ion in which it is present on the other side of the 
equation. 

3. Many oxy-ions are either oxidizing or reducing agents, and 
some may even be reduced or oxidized to other oxy-ions of the 
same element. 

If the products of the reaction are not known, only experimental 
evidence can supply them with certainty. For common oxidizing 
and reducing agents, however, the behavior is so well known that 
the products can be predicted correctly in almost all cases. Some 
information on which such a prediction may be based is given in 
the discussion of oxidizing and reducing agents. 

If there is doubt as to whether or not a particular substance is 
ionized, no error will be introduced by using it in either the ionized 
or the non-ionized form. The complete oxidation of H 2 S, for 
example, may be formulated with equal accuracy as far as the 
application of the method is concerned as : 

H 2 S + 4 H 2 O 10H+ + SOr 
or S“ + 41120 8H+ + S 04 “ 

If a reaction is known to take place in basic solution it is prefer- 
able to use 0H~ ions and H 2 O in balancing the half-cell equation 
as follows: 

20H~ ;:± [O] 4- H 2 O 

If, however, it is not known that the reaction requires an alka- 
line environment and H"*" and H 2 O are used in the balancing pro- 
cedure, H+ will appear among the products on the right in the 
balanced ionic equation. When this situation occurs, hydroxyl 
ions equal in number to the hydrogen ions are added to both sides 
of the equation. The and 0H~ on the right are then combined 
into H 2 O and the appearance of 0H~ on the left then indicates 
the necessity of a basic solution, when tliis was not known in the 
beginning. 

Sometimes two elements in the same compoimd are oxidized or^ 
reduced, as when AS 2 S 3 or CU 2 S is dissolved in HNO 3 . Such 
cases are handled easily by keeping the constituents in the stoichi- 
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oraetric relations indicated by the formula ( 2 As to 3S; 2Cu to IS) 
and proceeding with the balancing in the usual way. 

Sometimes the same substance acts both as the oxidizing agent 
and as the reducing agent, i.e., oxidizes and reduces itself. An 
example is the transformation of a hypochlorite into a chlorate 
and a chloride : 

KOCl KCIO 3 + KCl 

Such an equation is balanced by a direct application of the ion- 
electron method, the ion in question being used in both half-cell 
equations : 

OCr + 2 H 2 O -b 4 e CIO 3 " + 4H+ 

OCr -t- 2H+ + 2e-^ Cr -b H 2 O 

Then, 

30Cr -b 2 H 2 O -b 4H+ -> ClOa' + 2 Cr -b 2 H 2 O + 4H+ 
or 30Cr ClOa' + 2Cr 

In the molecular form : 

3KOC1 KCIO 3 + 2KC1 

Sometimes a certain ion may l)e present in the unbalanced 
molecular equation both as an e.ssentiarand as an -incidental ion. 
This is frequently true of S 04 “, CP and NO 3 P For example, if 
we compare the balanced ionic equation : 

3 S 03 “ + Cr 207 =“ + 8H+ -> 3804“ + 2Cr+++ -b 4 H 2 O 

with the balanced molecular equation : 

3Na2S03 + K2Cr207 + 4 H 2 SO 4 

-> 3 Na 2 S 04 + Cr2 (804)3 + K2SO4 + 4H2O 

it will be noticed that of the 7 S 04 “ ions on the right in the latter 
equation only 3 are included in the ionic e(iuation. These 3 are 
essential whereas the other 4 are purely incidental. 

Oxidizing and Reducing Agents. In considering what ions and 
substances can be oxidized or reduced or, conversely, what ions or 
other substances constitute reducing and oxidizing agents, it 
must, in the first place, be remembered that many of the cations 
and most of the anions, present in the test solutions and in known 
mixtures and in samples, have either oxidizing or reducing tenden- 
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cies. For example, Sn++, Fe++, As02~, I~, Br~, SO3”, SaOa", S", 
C2O4” and CN~ are strong reducing ions; on the other hand, such 
ions as Fe+++, AsO^”, Cr207'“ and Mn04” are strongly oxidizing. 
Ions of this kind become oxidized or reduced by the addition to 
the solution of oxidizing or reducing agents. In the second place, 
the addition of an oxidizing or a reducing reagent may be either 
for the express purpose of causing a desired oxidation or reduction 
or, on the other hand, it may be for some other reason, the accom- 
panying oxidation or reduction being merely an incidental effect. 

TABLE III 

Common Oxidizing Agents 


Substance 

Used 

Element or 
Radical 
Involved 

Appar- 

ent 

Valence 
of Ele- 
ment 

Reduced 

to 

Appar- 

ent 

Valence 
of Ele- 
ment in 
Product 

De- 
crease i 
in Ap- 
parent 
Valence 

Gain in 
Elec- 
trons 

per 

Atom 

CI2 

Cl 

0 

cr 

-1 


1 

Br 2 

Br 


Br’ 

-1 


1 

I2 

I 

0 

I‘ 

-1 

1 

1 

NaOCI 

ocr 

+1 

cr 

-1 

2 

2 

Aqua regia 

N 03 ' 

+6 

NO 

+2 

3 

3 

UNO3 (dilute) 

N03- 

+5 

NO 

+2 

3 

3 

HNO3 (cone.) 

N 03 “ 

+5 

NO2 

+4 

1 

1 

Na 202 

0 (or O2") 

-1 

0 -(or OH') 

-2 

1 

1 

H2O2 

0 (or 02“) 

-1 

0 -(or OH') 

-2 

! 1 

1 

NaBi03 

Bi 03 ~ 

+5 

Bi+++ 

+3 

2 

2 

KMn04 (acid) 

Mn04~ 

+7 

Mn++ 

1 

+2 

5 

5 

KMn04 (basic) 

Mn04" 

+7 

Mn 02 

+4 

3 

3 

KzCrzOy (acid) 

Cr207” 

+6 

Cr+++ 

+3 

3 

3 

K2Cr04 (basic) 

Cr 04 - 

+6 

Cr+++ 

-j -3 

3 

3 


For example, stannous chloride is utilized as a reducing agent in 
the test for mercury; bromine is sometimes employed to oxidize 
iron to the ferric condition; KMn04 to oxidize the oxalate ion, 
etc. But H2S, for example, used as a precipitating agent, will 
also act as a reducing agent toward any oxidizing ions present in 
the solution. HNO3, if used as a solvent, will also function as an 
oxidizing agent; in fact, its effective solvent action is attributable 
to its strong oxidizing tendency. 

The more important an^ frequently used reagents which have 
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oxidizing ability are listed in Table III, The table gives the form 
in which the reagent is supplied, the element or ion responsible for 
the oxidation, its reduction product, and the apparent valence of 
the element in its oxidized and reduced form, together with the 
number of electrons gained per ion. Reducing reagents are tabu- 
lated in Table IV in the same way. 

Some comment on these reagents should be helpful in balancing 
redox equations involving these substances. The important 
matter to bear in mind is the writing and balancing of the half-cell 
reactions concerned. 


TABLE IV 


Common Reducing Agents 


Substance 

Used 

Element or 
Radical 
Involved 

Appar- 

ent 

Valence 
of Ele- 
ment 

Oxidized 

to 

Appar- 

ent 

Valence 
of Ele- 
ment in 
Product 

In- 
crease 
in Ap- 
parent 
Valence 

Loss of 
Elec- 
trons 

per 

Atom 

FeS 04 

Fe++ 

+2 

Fe+++ 

+3 

1 

1 

SnCb 

Sn++ 

- 1-2 

Sn+++<- 







(as SnCle") 

+4 


2 

H2S 

S" 

-2 

S 

0 


2 

H2S 

S= 

-2 

SO4- 

+6 

8 

8 

NaiSOa 

S 03 “ 

+4 

SO4” 

+6 


2 

NaAs02 

A 802 '’ 

+3 

As04'“ 

+5 


2 

H2C2O4 

C 204 = 

+3 

C02 

+4 


1 

KI 

I" 

-1 

I2 

0 

1 

1 

H2O2 

0 (or 02“) 

-1 

02 

0 

1 

1 

Metals, e.g., Zn 

Zn 


Zn+^ 

+2 


2 

Hydrogen 

H2 



-l-l 


1 


The Halogens. In the form of the free element CI2, Br2 and 
I2 are oxidizing agents, and are reduced to the simple anion form. 
For example, the change for iodine is: 

I 2 -|“ 2e = 21 

The iodide ion, I”, and the bromide ion, Br", are reducing agents. 
The former is frequently supplied in analytical procedures in the 
form of NH4I or KI: 


21 = I 2 "b 









46 


FUNDAMENl'AL PRINCIPLES 


Free chlorine, NaOCl and KCIO 3 , are all oxidizing substances 
which are reduced to Cl”. The half-cell equations are: 

CI 2 + 2e = 2Cr 

CIO” -f- 2H+ 4- le = Cr -f H 2 O 

ClOa” 4- 6H+ 4- 4e = Cl” 4- 3 H 2 O 

Nitric Acid. This oxidizing solvent is frequently used in dis- 
solving certain sulfides and metals. When the acid is dilute, the 
NO 3 ” ion is reduced to NO: 

NO 3 ” -I- 4H+ 4- 3e = NO 4- 2 H 2 O 
If the acid is concentrated, the reduction product is NO 2 : 

NO 3 " 4- 2 H+ + le = NO 2 + H 2 O 

Aqua Regia. This is a mixture of concentrated HNO 3 and con- 
centrated HCl. The solution contains NOa”, Cl” and H+ ions, 
and owes its oxidizing ability to NO 3 ” wliich is reduced, as in 
nitric acid, to NO. When this reagent decomposes, according to 
the reaction 

NOa” + 2C1” 4- 4H+ = NOCl 4- CI 2 4- 2 H 2 O 

the free chlorine which is liberated may exert a strong o.xidizing 
effect. 

Potassium Permanganate. This very strong oxidizer may be 
reduced, by a reducing agent, cither to hydrated MnOa or else to 
Mn++. The former reaction takes place in an alkaline or neutral 
solution, according to the half-cell equation: 

Mn04” 4- 4H+ + 3e = MnOa 4- 2 H 2 O 
In an acid medium, the reaction (already given on page 40) is: 

Mn 04 ” + 8H+ -I- 5e = Mn++ 4- 4 H 2 O 

This is a case where the product of the reduction is determined by 
the acidity or alkalinity of the medium. 

Chromates and Dichromates. A somewhat similar situation 
exists in the case of the chromates and dichromates, the difference 
being that here it is the formula of the reactant and not that of 
the product which is determined by the acid or basic nature of the 
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medium. The form of the ion present is solely dependent upon 
the acidity of the solution, as can be seen from the equations: 

Cr207= + 20H' ^ 20104- + HgO 

and 2 Cr 04 - + 2H CraOr” + HgO 

Hence, in alkaline solution the chromate ion predominates; in 
acid solution the dichromate ion predominates , 

REVIEW EXERCISES — SET 3 

1. Classify ionic reactions on the basis of the product formed. 

2. Define and illustrate: valence; oxidation; reduction; half-cell 
reaction. 

3 . Write equations showing how the following electrolytes ionize: (a) 
H2SO4; (b) K 2 Cd(CN) 4 ; (r) NaHZnOo; (d) As.jS,. 

4 . Tlewrite the following moletailar eejuations, giving the eSvSential ions 
involved, and then balance the cciuations: 

(а) Hg2(N03)2 + NaC^l = Il g^Clg + NaNOa 

(б) Na 2 S 03 + nCl = ^ + H 2 O + NaCl 

(C) PbS04 + NH4C2H3O2 = Pb(C2ll302)2 + (NH4)2S04 

(noii-ionizctl) 

(d) AI2S3 + HOH = A1(C)H)3 + 

6. What is tho apparent valence of the inditiated element in eaeli of the 
following compound.s : 

(a) Mn in MnS()4, HjMnOj, Na2Mn()4, KMn 04 
(h) Cr in CrClj, NaCrOz, K 2 Cr 04 , CrOj 

(c) S in H2S, Na2.S03, Na2.S203, Na2S04 

(d) N in HNO2, HNO3, NH3, N2O 

6. Balance the equations in the following exercises: 

(a) Cr 207 - + I" + H+ = Cr+++ + I 2 + H 2 O 

(b) Mn 04 “ + I" + H+ = Mn++ + I 2 + 1120 

(c) As 04 “ + I" + H+ = AsOa^ + I2 + ^20 

(d) NO3" + S- + TI+ = NO + + II 2 O 

7. (a) Bi+++ + Sn02- + OH' = Bi® + SnOs" + H 2 O 
(6) Mn 04 “ + S- + H+ = Mn++ + S° + H 2 O 

(c) Pb02 + Mn++ + H+ = Pb++ + Mn 04 " + H 2 O 
'(d) Cr 207 - + N02‘ + H+ = Cr+++ + NOj' + H 2 O 

8. ( 0 .) HgCl 2 + SnClj = Hg 2 Cl 2 + SnCU 

(6) KMn04 + H2SO3 = MnS04 + H2SO4 + K2SO4 + H2O 

(c) HNOs + Bi 2 .S 3 = Bi(N 03)3 + S® + NO + HjO 

(d) KI + CI 2 = I 2 + KCl 
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9. (a) I 2 + H 2 S = S + HI 

(6) K 2 Cr 207 + H 2 S + HCl = CrCls + KCl + S« + H 2 O 

(c) KMn04 + H2C2O4 + H2SO4 = MnS04 + K2SO4 + CO 2 + H 2 O 

(d) Na202 + Fe(0H)2 + H 2 O = Fe(0H)3 + NaOH 

10. (a) PbS + HNOs = PbS 04 + NO + IIzO 

(&) HgS + HNO 3 + HCl = HgCl2 + S» + NO + H 2 O 

(c) Na202 + Mn(OH )2 + H 2 O = MnO(OH )2 + NaOH 

(d) Sb2S5 + HCl = SbCla + S« + H 2 S 

THE LAW OF CHEMICAL EQUILIBRIUM 

Reaction Velocity. The speed with which chemical changes 
take' place varies widely for different reacting substances. Thus 
the rusting of iron at ordinary temperatures is a comparatively 
slow reaction, but many other reactions take place practically in- 
stantaneously. By reaction velocity is meant the amount of reac- 
tant transformed in unit time. Reaction velocities can be measured 
experimentally by determining the amount of substance which is 
used up or formed during definite intervals of time under definite, 
specified conditions. For the same reacting substances the velocity 
of reaction depends upon such factors as temperature, pressure and 
amount of substance present. Increase of temperature speeds up 
all reactions, the velocity being about doubled for every 10° C. rise 
in temperature. The influence of changes in temperature and pres- 
sure on a reacting system which has come to equilibrium will be 
taken up later. 

The amount of substance present and capable of reacting is a 
very important factor influencing the rate of reaction. The effect 
of the concentration of the reacting components on the speed of 
the reaction, called mass action, is of fundamental importance in 
the study of chemical changes. 

Mass Action. The substances undergoing change in a reaction 
are known as the active masses or the concentrations, the actual 
quantity being expressed in gram-moles or gram-ions. The 
amount of substance transformed in unit time depends upon the 
amount of each reactant present, temperature and other factors 
remaining constant. Doubling the amount of one reactant will 
necessarily result in more being transformed into the products of 
the reaction. The effect of the mass on the reaction velocity is 
called mass action and the generalization, whickofollows from this, 
can be stated thus : The velocity of a reaction is proportional to the 
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active masses present at any instant. Suppose a given number 
of molecules of the substance A are reacting with a like number 
of molecules of B. The rule states that the rate at which A will 
react with B is proportional to the amounts of A and B present. 
The reaction velocity will therefore be equal to the product of 
the molar concentrations of A and B times a proportionality 
factor, k (velocity constant), characteristic of this particular re- 
action. Algebraically this can be represented thus: 

Reaction velocity = molar concentration of A X molar concen- 
tration of B X k 

or, more simply, if we let C stand for the molar concentration of 
any particular reacting component and v for the reaction velocity : 

V = CaXCb X k 

If two molecules at A react with one of B the expression becomes: 
V ^ CaX Ca XCiiXk 
or, squaring the concentration of A : 

V = (Ca)^ XCeXk 

In general, if n parts of A react with m parts of B the general 
velocity equation is expressed thus: 

X (Cur X k 

the total molar concentration of each component being raised to 
a power equal to the coefficient representing the number of like 
reacting molecules or ions. 

Reversibility of Reactions. The extent to which a reaction 
will proceed in one direction depends, among other factors, upon 
the nature of the products formed. If the newly formed products 
show any tendency of interacting among themselves to reform 
the initial reactants an opposing action will bo set up in the re- 
verse direction and the net effect will be that the entire amounts of 
the initial components are not transformed when the reaction 
appears to stop. Some reactions show a marked tendency to 
reverse, so much so that they are of little value in analytical 
chemistry. In other reactioas, reversibility is less pronounced 
and here the reac+’r>jis run nearly, but not entirely, to completion. 
These are the analytically useful ones, as will be emphasized lat.er. 
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All reactions are reversible to a certain extent. This point cannot 
be overemphasized because it is the basis upon which the funda- 
mental theory rests. 

Equilibrium. In all reacting systems, therefore, a condition 
will be reached where a certain, even though small, concentration 
of the initial reactants can exist side by side with the products of 
the reaction apparently without having further change take place. 
There is a state of equilibrium .set up. It is a dynamic equilib- 
rium and means that for any reversible reaction such as: 

A + B^C + D 

after equilibrium has been reached, the reactants A and B are 
reacting to form C and D at exactly the same rate that C and D 
arc reacting to form A and B. Eciuilibria are set up in all sorts 
of reacting systems; for example, between gases, between dis- 
solved molecules and their ions, between precipitates and the solu- 
tion that surrounds them, and between substances distributed be- 
tween two solvents. The fundamental law which gives expression 
to the state of equilibrium is called the Law of Chemical Equilib- 
rium and is of extreme importance in the study of reactions. The 
theory of reactions is based on this law and it is the most funda- 
mental principle with which we .shall have to deal. 

The Law of Chemical Equilibrium. In considering the reaction 
between A and B, we derived the algebraic expression for the reac- 
tion velocity, namely, 

vx ^ CaXCb'X ki ( 1 ) 

where C stands for the molar concentrations and /bi is a velocity 
constant characteristic of the reaction between A and B. Suppose 
we apply a similar equation to another set of reacting substances, 
say to C and D. This will be characterized by a different velocity, 
1)2, and a different velocity constant, k2: 

V2 = Cc X Cd X k2 (2) 

Now suppose that the substances C and D are the products re- 
sulting from A and B and, vice versa, A and B are the* products 
resulting from C and D as in the reversible reaction : 

A + B^C + D 

Hence C and D are forming during the reaction at a rate depend- 
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pnt upon the amounts of A and B present. As A and B are used 
up their mas.ses decrease and the reaction velocity in the direction 
of C and D decreases. But the amounts of C and D are continu- 
ally increasing and will interact to reform A and B. When the 
amounts of C and D are in such proportions as to cause the reaction 
to reverse at the same rate that it is proceeding forward, a dynamic 
state of equilibrium is set up, as previously indicated. The ve- 
locities are then equal in both directions. We can then apply the 
velocity equations to a reaction going in both directions, at the 
point where the concentrations are in such proportions as to make 
the velocity forward equal to the velocity backward. If the two 
algebraic equatiops which express the relation between velocity 
and concentration are equated, we have: 

Vv= CaX Cji X ki = V 2 = Cc X CoXhn 

Therefore, 

Ca X Cb X ki = Cc XCoXkz 

and dividing by Ca X C 5 .and transferring ^ 2 , the equilibrium ratio 
is obtained : 

Cc X Cd _ ki 
Ca X Cb ^2 

The ratio of the products of the molar concentrations is then 
equal to the ratio of the velocity constants, when equilibrium is 
reached. The ratio k\/k 2 can be designated K, and then becomes 
an equilibrium constant characteristic of this reaction. The equi- 
librium expression then is writtcm : 

= K (equilibrium constant) 

Ca-X. Cb 

If for every molecule or ion of B, 2 molecules or ions of A art- 
required, the value of Ca is squared in the above expression; if 
three times, the value is cubed, and for the general reaction: 

nA + mB ^(7 + rZ> 

the most general expression for the equilibrium can be written : 

{CcY X (fioY 
{CaT X {CbT 


= K 
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The above expression states; In a reacting system, when equi- 
librium is reached, the product of the molar concentrations of the 
products of the reaction divided by the product of the molar con- 
centrations of the reactants (each concentration raised to a power 
equal to the coefficient representing the number of like reacting 
parts which enter into the reaction) is always equal to a constant. 
This is the Law of Chemical Equilibrium. The expression given 
is in the most general form. It will take on modified forms in the 
several applications which follow. For each reaction for which the 
law strictly holds, at constant temperature and pressure, the 
numerical value of the equilibrium constant is always the same. 
No matter how much the concentration of any one component in 
the reaction mixture varies, the proportions of tht; other components 
must change until equilibrium is again established and the value 
of K restored. Thus if the amount of A is increased in the above 
reversible reaction, the reaction will run faster in the direction of 
the formation of C and D, more of these products will be formed, 
reaction will reverse at a faster rate than originally and again 
equilibrium will be established, with the proportions A, B, C and 
D changed but the ratio of the prodiuds of their molar concentra- 
tions still the same. 

If the pressure on a system in equilibrium is increased, there 
will be a change in the projiortions of th(^ reacting components 
when the new equilibrium is established at the higher pressure. 
Of the two opposing reactions, that one will be favored which leads 
to a reduction in the volume of the system. This is particularly 
significant in gaseous reactions. There is thus a shift or displace- 
ment in the equilibrium concentrations, the system again coming to 
equilibrium with different proportions of the reacting components. 
A change of pressure, however, does not change the value of the 
equilibrium constant. 

When the temperature of a reacting system in equilibrium is 
changed, there is a change in the value of the equilibrium constant; 
that is, a new ratio is established for the equilibrium concentra- 
tions at the new temperature. With a rise in temperature, the 
equilibrium is shifted in the direction favoring the reaction 
which absorbs heat. The system as a whole tends to oppose the 
effect of the added stress placed on it; it does this by favoring 
that reaction which uses up the heat supplied in raising the 
temperature. 
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The effect of changes in concentration, pressure and temperature 
on a system in equilibrium is summed up in a very general law 
known as Le Chatelier’s Law, which states: Whenever a stress 
is applied to a system in equilibrium, that reaction will be favored 
which tends to offset or annul the effect of the stress. Thus, in- 
creasing the concentration of one reactant causes the reaction to 
proceed faster in order to lower this concentration. Increased 
pressure will be opposed by that reaction which tends to relieve 
the pressure by reducing the volume. Raising the temperature 
favors the reaction, which, by absorbing heat, tends to lower the 
temperature. 

The Law of Chemical Equilibrium is of wide application to a 
great variety of reactions. It was fiist shown to hold for reactions 
between molecules of organic substances. It is also applied to 
molecular gas reactions. In the reactions of qualitative analysis 
a number of important ionic equilibria arc encountered. These 
equilibria are discussed in the following sections. They will be 
taken up in the following order: 

1. Ionization equilibria (ionization constants). 

2. Equilibria of ions of precipitates (solubility product con- 

stants). 

3. Equilibria of complex ions (instability constants). 

4. Hydrolysis equilibria (hydrolysis constants). 

5. Amphoteric equilibria. 

b. Oxidation-reduction (redox) equilibria. 

THE EQUILIBRIUM LAW APPLIED TO IONIZATION: 
IONIZATION CONSTANTS 

The theory of ionization states that when electrolytes dissolvt; 
in water they are dissociated to a greater or less extent into posi- 
tively charged cations and negatively charged anions. Ionization 
can be regarded as a reversible chemical reaction between dissolved 
molecules and their respective ions and when equilibrium is 
reached certain of the dissolved molecules are dissociating into ion.s 
at a reaction rate which is equal to the rate at which other ions 
combine to reform non-ionizod molecules. We can indicate such 
an ionization reaction by means of the general equation : 


MA^M-^+ A~ 
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where MA stands for the dissolved non-ionized molecules of the 
compound MA, M+ for the cations and A~ for the anions in equi- 
librium with the non-ionized portion of the dissolved electrolyte. 
At equilibrium, which is quickly reached when the compound is 
dissolved, there will always be maintained a certain fixed ratio 
between the non-ionized molecules and the products of their ioni- 
zation. The ratio of the concentrations of the initial and final 
products of a reaction is dealt with by the Law of Chemical Equi- 
librium and hence, in establishing the conditions for equilibrium 
for the ionization of weak electrolytes, the law finds here a very 
important application. 

The general equilibrium formula: 

Cc X Cp ^ 

Ca X Cb 

which expresses the equilibrium ratio of concentrations in the 
general reaction : 

A -1- B^C + D 

may be transformed for the special reaction of ionization of the 
eli3ctrolyte MA : 

MA^M+ + A~ 

into the special form: 

X Ca _ 

Cma 

The symbol K is an equilibrium ratio and expresses the ratio 
of the product of the ion concentrations to the concentration of 
the non-ionized portion of the solute. 

Equilibrium Ratios and Ionization Constants. One can write 
such an equilibrium expression and calculate the numerical value 
of the ratio for any electrolyte, but the ratio will have the same 
constant value, for all ranges of concentration for weakly ionized 
electrolytes only. For highly ionized acids and bases and for salts, 
which, with few exceptions, are highly ionized, the ratio is not 
constant. For weakly ionized acids, such as HC2H3O2, HCN and 
HNO2, and for the weakly ionized NH4OH, the ratio is constant 
for all concentrations. When the ratio is found to be constant for 
a weak electrolyte, this ratio is known as an ionization constant. 



IONIZATION EQUILIBRIUM OF HCjH,Oi 


55 


Thus for a weakly ionized monobasic acid Hdi which ionizes ac- 
cording to the equation : 

;:±H+ + A' 


the equilibrium is expressed by the relation : 

Concentratioii of H+ ions X concentration of ^ ~ anions 
' Concentration of non-ionizcd molecules 

= K (ionization constant) 

or in simpler form : 

Cji* X Ca- _ „ 

^(ion) 


c 


HA 


As has already been stated, an electrolyte is characterized by a 
true ionization constant only if the equilibrium ratios calculated 
for a number of concentratioirs have the same numerical value, 
i.e., if the ratios are practically the same for all concentrations. 
The Law of Chemical Equilibrium can be rigorously applied to 
ionic equilibria only for weak electrolytes. Whether or not an 
electrolyte conforms to the law must be discovered by experiment 
and calculation. 

The ionization constant, for any particular electrolyte of speci- 
fied concentration, will vary with the temperature, since the extent 
of ionization varies with the temperature.' Changes of pressure 
have little effect on the ionization constant. The method of cal- 
culating ionization constants, the effect of changes in concentration 
and of added substances and the way ionization ecpiilibria are used 
in qualitative analysis are illustrated in the following paragraphs 
for the case of acetic acid, a typically weak electrolyte. 


Ionization Equilibrium oi' IIC 2 H 3 O 2 

Calculation of the Constant. Suppose that we take a dilute 
aqueous solution of acetic acid of such strength that a liter contains 
one-tenth of a gram-mole (one-tenth of the molecular weight in 
grams or 6.0032 grams) of dissolved HC 2 H 3 O 2 . As a weak elec- 
trolyte, it will be ionized to a small extent into H"*" ions and C 2 H 3 O 2 
ions according to the equation : 

HC2H3O2 ^ H+ + C2H3O2' 

The actual degree of ionization at 18° C. is 1.34 per cent (given 
in Table I, page 15). The respective concentrations in a liter of 
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0.1 molar acetic acid are therefore 0.1 X 0.0134 or 0.00134 gram- 
ion of 0.1 X 0.0134 or 0.00134 gram-ion of C2H302~, and 
0.1 X 0.9866 or 0.09866 gram-mole of non-ionized HC2H3O2. 

The equilibrium expression for this ionization is written : 


Ch+ X CcjiiiOj- 
C'hCjHsOj 


= K 


(ion) 


Placing the numerical values for the concentrations of the react- 
ing components in this expression gives the numerical ratio : 


(0.1 X 0.0134) X (0.1 X 0.0134) 
(0. 1 X 0.9866) 


0.0000182 


The value 0.0000182 or 1.82 X 10“^, sometimes also written 
O.O4I82, is the ionization constant for HC2H3O2. If the equilibrium 
law holds rigorously for this electrolyte, this same numerical value 
must be obtained for acetic acid solutions of other concentrations. 
That this is the case is shown in the calculation below. 

Effect of Dilution. Suppose we dilute the above 0. 1 M solution 
to ten times its volume, thus making a 0.01 M solution of HC2H3O2. 
One liter of this diluted solution will then contain only one-tenth 
as much dissolved solute as the first solution considered. If no 
change in the degree of ionization took place in this more dilute 
solution, a calculation of the ionization constant would give a new, 
different value for jK’(ion)- We know, however, from our study of 
ionization that the extent of ionization increases with dilution, and 
this means that the equilibrium which became disturbed through 
dilution is again restored by adjustment of the ratio between the 
concentrations of the ions and non-ionized molecules. The value 
for the percentage of ionization of a 0.01 molar solution of 
HC2H3O2 at 18° C. is 4.17 per cent (see Table II, page 16). The 
new concentrations arc therefore 0.01 X 0.0417 or 0.000417 gram- 
ion of H+, 0.01 X 0.0417 or 0.000417 gram-ion of C2H302~ and 
0.01 X 0.9583 or 0.009583 gram-mole of non-ionized HC2H3O2. 
Inserting these values in the equilibrium expression gives: 


(0.01 X 0.0417) X (0.01 X 0.0417) 
(0.01 X 0.9583) 


0.0000181 


This value for the ionization constant is in very close agreement 
with the value calculated above for the 0.1 M solution and shows 
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that the equilibrium law can be rigorously applied to acetic acid 
solutions. 

The method of calculating ionization constants must be mastered 
by the student, for frequent use is made of ionic equilibria through- 
out the experimental work. To calculate the constant for any 
electrolyte we must know the two quantities; namely, the molarity 
of the solution and the degree of ionization at the specified tem- 
perature, and it is well for the beginner to resolve each term into 
its two factors, as shown in the foregoing calculations. 

The formula can be simplified by letting a stand for the fraction 
which is present as ions, 1 — a for the non-ionized fraction and M 
for the total molar concentration of the dissolved solute. The ex- 
pression then becomes: 

Ma X Ma 
Md - <.) “ 

In this form the relationship between dilution and degree of 
ionization is known as the Ostwald Dilution Formula. 

If we know the ionization constant and the molar concentration 
of a dissolved solute we can calculate the, degree of ionization by 
solving for a in the above equation. Since a must be very small for 
any substance to which this expression may be applied, 1 — a will 
dif fer only slightly from 1 and .so very little error will be introduced 
by dropping a. from the denominator. We have then, approxi- 
mately, 

Ma^ = 

or OL — 

Ionization Equilibria of Other Electrolytes 

Acids. Other acids that follow the equilibrium law more or 
less closely, that is, those that are rather weakly ionized, are 
HCN, HNO2, H2S, H2CO3, H2C2O4, H3ASO3, H3ASO4, H3PO4, 
H3BO3. The more strongly ionized acids, such as HCl, HNO3 
and H2SO4, do not yield the same constant for different concen- 
trations and thus deviate from the law. With weakly ionized 
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dibasic axjids, such as H2S, H2CO3 and H2C2O4, which ionize in 
two stages, there is a primary and a secondary ionization constant. 
With tribasic acids there is a primary, a secondary and a tertiary 
ionization constant, corresponding to the three stages of ionization 
(see Table I, page 15 and Table V, page 59). Thus, for H3PO4 we 
have: 


and 


C'h+ X CHjPOr 

= Ki 

^HaPO^ 

Ch+ X Cnpoa- 

= K2 

C'HjPOa" 

Ch+ X GpOa- 

= Ks 

C'npor 


(primary ionization constant) 
(secondary ionization constant) 

(tertiary ionization constant) 


The equilibrium relationships of H2S, a weakly ionized dibasic 
acid, are extremely important. This reagent is used in precipi- 
tating many metallic ions jis sulfides and the amount of sulfide ion 
which this acid yields by its secondary ionization must be ver>' 
carefully regulated. The case of H2S will be fully discussed when 
we come to the precipitation of the cations of Groups II and III. 

It has already been pointed out (page 15) that the primary 
ionization stage takes place to a much greater extent than the 
secondary, and the secondary more than the tertiary; and ac- 
cordingly the H'*' ion concentration of acids is due largely to the 
primary ionization. Primary ionization constants of dibasic and 
tribasic acids are therefore numerically much larger figures than 
the secondary and tertiary constants. This will become qvident 
from Table V. The smaller the degree of ionization, the smaller 
the constant and the more closely will the electrolyte obey the Law 
of Chemical Equilibrium. 

Bases. The only commonly used biuse which can be considered 
as closely following the law is N H4O H. The calcidation of its 
ionization constant is not so simple a matter as that for acetic acid, 
l)ecause in a solution of ammonium hydroxide there are, besides a 
low concentration of NH4'^ ions and OH~ ions, non-ionized dis- 
solved NH4OH and dissolved NH3. For purposes of calculation 
we may write* 


■'NH4+ 


X C 


OH- 




NHiOr 


(ion) 
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Salts. Since salts, as a general rule, are strong electrolytes, 
no constants can be calculated. We can, of course, calculate a 
new value for each particular dilution, but on the basis of the 
theory here outlined, we cannot apply it in the same sense that 
we apply it, for example, to acetic acid and ammonium hydroxide. 

TABLE V 

Ionization Constants 


Electrolyte 

Primary 

Secondary 

Tertiary 

HCl 

IINOs 

HNO2 

HCHO2 

HC2n302 

HCN 

♦ 

♦ 

5 X 10“^ 

2 X 10-* 

1.8 X 10-“ 

7 X 10-1“ 



H2SO4 

H2C2O4 

H2C4H4O6 

H2SO.3 

H2CO3 

HzSt 

♦ 

:}.8 X 10-* 

9.7 X 10'“ 

1.7 X 10-2 

3 X 10-7 

9 X 10-“ 

3 X 10~2 

5 X 10-“ 

9 X 10-“ 

1 X 10-2 
(> X 10-11 

1.2 X 10-1® 


H3ASO4 

H3PO4 

HASO2 

H3PO3 

H3BO3 

5 X 10-“ 

1 X 10-2 

6 X 10-1“ 

6 X 10-1“ 

7 X 10-1“ 

4 X 10-® 

2 X 10-2 

6 X 10-1“ 

4 X 10-1* 

HOHJ 

2 X 10-1“ 



NaOH 

NH4OH 

Ca(OH)2 

* 

1.75 X 10 “ 

3 X 10-2 




* Ionization too great to yield an ionization constant. 

I „ 1.1 X io"«; (Ch+)* X cs- = i.i x 

ch2s 

t C’H X CoH- = 1.2 X 10“*^ 


Common-Ion Effect 

In the ionization equilibrium formula it should be noted that the 
numerator of the ratio is the product of the gram-ion concentra- 
tions of the ions involved. In the particular cases calculated above 
for HC2H3O2 the concentration of the cation, is equal to the 
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concentration of the anion, C2H302~, merely because these values 
were obtained by measuring the ionization of pure solutions of 
HC2H3O2. The fact that the concentrations of each set of ions 
need not necessarily be equal for equilibrium to be established has a 
very important application to actual analysis. The concentration 
of one set of ions may greatly exceed that of the other set of ions, 
and cases actually arise where it becomes desirable or necessary to 
add another compound containing ions of the same kind as the one 
or the other set already present. By this means the concentration 
of one ion can be adjusted to any desired value by varying the 
concentration of the other ion. The effect on the equilibrium of 
these added common ions is known as the common-ion effect. It 
is illustrated here in the case of HC2H3O2. 

Suppose we are carrying out an analytical procedure in an acidic 
solution and find it desirable to have a low concentration of hydro- 
gen ions present. A weak acid such as 110211302 yields, we know, 
a low concentration of H'*', but a still lower concentration can be 
secured by adding a highly ionized salt of acetic acid such as 
NH4C2H3O2 or NaC2H302 to the solution of acetic acid. The 
effect of the large addition of acetate ions to those already present 
is to greatly decrease the concentration of the hydrogen ions. 
That this must be the result can be seen from an actual calculation. 

Suppose to a liter of 0. 1 M HC2H3O2 which ionizes to the extent 
of 1.34 per cent we add 0.1 of a gram-mole of NaC2H302, which in 
a liter of solution at 18 ° C. ionizes about 80 per cent. We have at 
the start 0.00134 gram-ion of C2H302~ from the acetic acid and 
0.080 gram-ion of the same ion from the added sodium acetate, or 
a total of 0.08134 gram-ion of C2H3O2”. There are also present 
at the start 0.00134 gram-ion of hydrogen and 0.09866 gram-mole 
of non-ionized acetic acid. ’ These quantities cannot exist together 
in these proportions without disturbing the equilibrium, since the 
ionization constant, 0 . 0000182 , must be satisfied. The only way 
in which equilibrium can be restored is for acetate ions to combine 
with an equal number of hydrogen ions and form non-ionized acetic 
acid until the ratio again satisfies the equilibrium constant. 

The extent to which the hydrogen-ion concentration is thus 
lowered and the extent to which the ionization of the acid is re- 
pressed are shown by the following calculation. Let x equal the 
amount by which the H+ and C2H302~ concentrations are decreased 
and the HC2H3O2 concentration increased. Substituting in the 
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equilibrium expression : 

(0.00134 -x)X (0.08134 - x) 
(0.09866 + x) 


0.0000182 


and solving, give for x a value of 0.00132, the amount by which the 
hydrogen- and acetate-ion concentrations are decreased and the 
concentration of non-ionized acetic acid is increased. The new 
hydrogen-ion concentration is therefore 0.00134 — 0.00132 = 
0.00002 gram-ion per liter showing a greatly decreased acidity. 

By making certain approximations we can avoid the above 
quadratic equation. Let y stand for the final hydrogen-ion con- 
centration. Assume that the final acetate-ion concentration is that 
resulting from the added NaC 2 H 302 and the final concentration of 
non-ionized HC 2 H 3 O 2 is the same as the molarity of the acetic acid. 
These assumptions are warranted since it can be seen from the 
above that the deviation from the exact amounts (x in the above 
calculation) is negligible. We have then; 


yX (0.1 X 0.80) 

0.1 


= 0.0000182 


Solving this equation we have: 

y = 0.0000227 gram-ion per liter 

which is the new H+ concentration. 

Just as an increase of acetate ions will lower the concentration 
of hydrogen ions which can exist in equilibrium with acetic acid, 
an increase in hydrogen ions from a strong acid will lower the 
acetate-ion concentration and repress the ionization of the acetic 
acid. Moreover, if a strongly ionized acid, such as HCl, is added 
to a solution of an acetate, the hydrogen ions together with acetate 
ions will be used up in forming non-ionized acetic acid. A strongly 
ionized acid will, in most cases, displace a weaker acid from its 
salts, owing to the repression of the ionization of the less ionized 
acid. 

Buffer Solutions. By means of common-ion effect it is thus 
possible to lower and keep in control the concentration of certain 
ions. If the hydrogen-ion concentration, i.e., the acidity, of a 
solution is to be controlled, a weakly ionized acid, such as acetic or 
formic, is employed together with a salt of the acid, as for example 
sodium acetate or sodium formate. If the basicity, i.e., the OH“ 
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ion concentration, is to be controlled, NH4OH and NH4CI are used 
A reagent thus prepared by mixing a weakly ionized acid or base 
with a salt of the acid or base, for the purpose of keeping within 
narrow limits the acidity or basicity of a solution, is known as a 
buffer solution. The solution is said to be “ buffered.” Com- 
mon-ion effect on the equilibrium of the weak electrolyte is the 
basis of buffer action. 

Important examples of buffer action are found in analytical pro- 
cedures. In the schemes of qualitative analysis, use is made of 
buffer action in connection with the precipitation or non-precip- 
itation of sulfides, of Mg(OH)2 and a number of other substances. 
In the precipitation of the sulfides, the theory of which is discussed 
in detail on page 168 , the sulfide-ion concentration is controlled by 
common-ion effect through the use of HCl, which furnishes a high 
H"*" concentration in common with the H+ derived from the weakly 
ionized H2S. 


REVIEW EXERCISES — SET 4 

Q What is an ionization constant? When the equilibrium law is applied 
to ionization, will the calculated values for the ratio vary with dilution for 
strong electrolytes? For weak electrolytes? 

2. Calculate the equilibrium ratios for the different molarities of HCl 
given in Table II. Does the equilibrium law hold for dissolved electrolytes 
of U^k^type? 

What is the effect of dilution upon the degree of dissociation of a weak 
eleoSrolyte? Explain. ' 

4. From the data for foraic acid, HCHO2, in Table II, calculate the 
^nization constant of this acid. Check the result with the value given in 

^ The ionization constant for NH4OH is 1.75 X 10 What is the 
Oil ion concentration in a 0.01 molar solution of this base? 

6 . Define a buffer solution. In general, how are such solutions pre- 
pared? Illustrate your answer with suitable examples. 

^ To 500 ml. of 0.1 molar acetic acid solution are added 10 grams of 
so(|iji«n acetate. Assuming complete ionization of the salt, calculate the 
resultant hydrogen-ion concentration. 

-n If 3.65 grams of HCl are added to a liter of water containing 3.4 grams 
of ^28, what are the concentrations of H*’' ion and sulfide ion? (Ch^-)^ X Cs- 
= M X 10-2^ 

W In order to establish S“ ion concentrations of the following order of 
magnitude in solutions saturated with H2S, what must be the corresponding 
H+ ion concentrations? (C'h+)^ X Cs~ = 1.1 X 

Cs- = (a) 1 X 10-‘®. (b) 1 X 10“”. (c) 1 X lO"*®. (d) 1 X lO"®*. 
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If 4.9 grams of NaCN are added to a liter of 0.1 M HCN, what are 
iM^sulting concentrations of H"'' ion and CN" ion? Assume 85 per cent 
ionization of the NaCN. 

THE EQUILIBRIUM LAW APPLIED TO PRECIPITA- 
TION: THE SOLUBILITY PRODUCT PRINCIPLE 

The equilibrium conditions existing in solutions in which pre- 
cipitates are formed are extremely important inasmuch as most 
of the separations and tests of qualitative analysis involve either 
the formation or the dissolving of precipitates. It is therefore 
imperative to know which conditions lead to the formation of a 
precipitate and what changes take place when a precipitate dis- 
solves. This application of the equilibrium law is known as the 
solubility product principle. In the following paragraphs we will 
first derive the relationship, then show how the special equilibrium 
constants, which characterize- the equilibrium in such solutions, 
arc calculated and finally apply the principle to the formation and 
dissolving of precipitates. 

Formulation of the Solubility Product Equation. The solu- 
bility product principle states that, in a saturated solution of a 
difficultly soluble salt, the product of the gram-ion concentrations 
has a definite numerical value. In the cqse of the salt AB, whose 
ions are A'^ and B~, the relationship, when equilibrium is reached, 
is expressed by the equation : 

X Cb- = A,p. 

where i^g p. is a constant called the solubility product constant and 
is characteristic of the salt AB. 

This relationship can be deduced in the following manner by 
using AgCl as a typical example and following the derivation pro- 
posed by Butler (Chemistry and Industry, 43, 634 [1924], and Jour. 
Phys. Chem., 28, 438 [1924]). In a saturated solution of silver 
chloride containing an excess of the solid ph^so an equilibrium 
exists between the rate at which the solid dissolves and at which 
solid forms. The solid surface may be considered as a lattice of 
which a portion, x, contains exposed silver ions, the remaining 
surface (1 — x) having chloride ions exposed. Considering the 
reversible action to take place separately for Ag+ ions and for Cl" 
ions, the rate at which Ag+ ions leave thewsurface may be expressed 
by kix, in which kx is a proportionality factor (a velocity constant). 
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and the rate at which Ag+ ions are deposited on the surface may 
be expressed by the formula k2{l — x)C/^+, since the frequency 
of deposition will depend upon the concentration, CAg+, of the Ag^ 
ions in solution, as well as upon the area (1 — x) having exposed 
chloride ions. At equilibrium the rates of detachment and of 
attachment of Ag+ ions are equal and 

kix = k2il — ( 1 ) 

Likewise, the passing of CP ions into solution may be expressed 
by ^^3(1 — x), and the deposition of CP ions on the surface by 
k^xC Cl-’, accordingly, at equilibrium 

^ 3(1 - x) = kixCci- ( 2 ) 


From equation (1) the concentration of silver ion in solution is 

kix 


and from (2) 


fc2(l — X) 
ksil - x) 


Cci- = 


kiX 


For the combined action, we have then 

Ca,* X Co,- = ^ = K. 


/C2^4 


B.p. 


It should be observed that no numerical or other factor appears 
for the amount of solid which may be present, an obvious result 
since, however much solid may be present, it will have no influence 
on the concentration of ions in a saturated solution. 

This new constant, Ag p., is called the solubility product constant. 
It is a special equilibrium constant, relating to the equilibrium of 
the ions in a saturated solution. It can be used rigorously only for 
solutions formed from difficultly .soluble compounds and in solu- 
tions of the pure salt. The expression means that, in a solution 
containing ions which by their union produce a difficultly soluble 
compound, the ions will be in equilibrium when the product of 
their gram-ion concentrations attains a certain definite, small 
value called the solubility product constant. When this constant 
is reached the solution is saturated with respect to the ions which 
form the solid. The constant has a different numerical value for 
each compound and varies with the temperature for the same 
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compound. It does not strictly apply to solutions containing ions 
derived from other salts, but holds good over a limited range only 
for solutions of a pure salt. 

If the value for the constant is exceeded, the excess ions will 
separate out as a solid compound (a precipitate). In any solution 
in which there is undissolved solid, no matter how little or how 
much, the liquid surrounding the solid will always contain enough 
of the ions to make the product of their gram-ion eoncentrations 
equal to the constant characteristic for that particular solid. 
This ion relationship, as already noted, holds only for relatively 
insoluble compounds. 

Calculation of Solubility Product Constants. Solubility prod- 
uct constants have been determined for practically all the com- 
pounds which are obtained as precipitates in analytical work. 
They can be calculated from the solubility data. The solubility 
in grams per liter, determined by experiment, is converted into 
the molar solubility by dividing by the molecular weight of the 
dissolved compound. From this the concentration of each set of 
ions may be calculated. If it is known that the ionization of the 
dissolved solute is not complete, the molar solubility is multiplied 
by the per cent to which the solution ionizes. For example, the 
solubility of AgCl at room temperature is 0.0015 gram per liter. 
Dividing this by the molecular weight of AgCl, 143.34, gives 
0.0000106 gram-mole, which is the molar concentration of the 
dissolved AgCl. This is an extremely dilute solution and the 
AgCl is assumed to be completely ionized. This liter of solution 
therefore contains 0.0000106 or 1.06 X 10“^ gram-ion of Ag+ ion 
and the same concentration of CF ion. 

The solubility product equation is: 

C'Ag* X Cci- = Ks.p. 

and substituting the numerical values for the concentrations we 
have: 

(1.06 X 10“*) X (1.06 X 10"*) = 1.1 X 10"^® 

giving 1.1 X 10“^® as the Kg p_ of AgCl. 

Where three different sets of ions are formed from a dissolved 
solid, the product of the gram-ion concentration of all three sets 
is the desired K^p. In the case of MgNH 4 P 04 , the precipitate 
involved in the tests for magnesium’ and phosphate ions, the 
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solubility is 0.0086 gram per liter or a molar solubility of 6.3 X 
10~®. The ionization of this compound takes place according 
to the equation : 

MgNH4P04 Mg-H- + NH4+ + PO4- 

Thc gram-ion concentrations, therefore, in a saturated solution, 
assuming complete ionization, are 6.3 X 10“° for each set of ions. 
The is then : 

Cmk++ X CnH 4+ X CpOi- =* i^8.p.(MgNH4P04) 

(6..3 X 10-‘) X (6.3 X 10-‘) X (6..3 X lO-s) = 2.5 X lO"** 

If the dissolv('d solid yields three ions, two of which are alike, 
the total gram-ion concentration of each set of ions must be deter- 
mined from the molar solubility of the dissolved solute; after 
this the total concentration is squared for that set which appears 
twice into the equation. This may be made clear in the case of 
Mg(OH) 2 . This substance is ionized according to the equation: 

Mg(OH)2 Mg++ -f Oil' -f OH' 

yielding one magnesium ion and two hydroxyl ions for each mole- 
cule ionized. The equilibrium expression is therefore: 

CMg++ X CoH- X CoH- = -f^8.p. 
or C'Mg++ X (CoH-)^ = ■K^s.p. 

The molar solubility of Mg(OH )2 at room temperature is 
0.000206; hence, the concentration of Mg++ is 0.000206 gram- 
ion per liter and the concentration of the hydroxyl ion is twice 
as great, or 0.000412 gram-ion per liter. The value of the constant 
is therefore : 

CMg++^ X (CoH-)^ = ■K^B.p.(Mg(OH).) 

(0.000206) X (0.000412)* = 3.6 X 10-“ 

Confusion in calculations involving solubility product relation- 
ships will be avoided if it is always remembered (1) to use the 
total concentration of each set of ions and (2) to square or cube 
this total concentration according to whether the particular set 
is involved two or three times in the ionization equation. Note 
particularly in the above example that we did not double the 
hydroxyl-ion concentration ; we simply doubled the concentration 
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of the dissolved Mg(OH)2 or of the Mg++ in order to find the con- 
centration of the OH". This point is emphasized because it is 
the source of more difficulty than any other factor involved in 
solubility-product calculations. 

Solubility product constants of a number of slightly soluble 
substances are given in Table VI, for which the data were collected 
from various sources. Most of these results have been calculated 
from the electrical conductivity of the saturated solutions. Be- 
cause of the experimental difficulties encountered in the measure- 

TABLE VI 

Solubility Product Con.stants 


Compound 

^s.p. 

Coinpoimd 


AgCl 

1. 

1 

X 

10-10 

SrC204 

5 

X 

10" 

-8 

AgBr 

3. 

5 

X 

lO-i* 

CaC204 

2.G 

X 

10- 

-9 

Agl 

1. 

0 

X 

10-16 

SrS04 

3.5 

X 

10“ 

-7 

HgaCb 

2. 

0 

X 

10-1» 

BaS 04 

1.2 

X 

10- 

-10 

PbCr 04 

1 

,7 

X 

10-14 

CaS04 

2.2 

X 

10- 

-4 

PbS04 

2 

.3 

X 

10-» 

HgS 

4.1 

X 

10" 

-63 

PbCb 

2 

.4 

X 

10-^ 

CuH 

8.5 

X 

10- 

-46 

Fe(OH)3 

1 

.1 

X 

10-36 

CdS 

3.6 

X 

10- 

-29 

Mg(OH)2 

3 

,5 

X 

10-11 

PbS 

4.0 

X 

10- 

-28 

MgNH 4 P 04 

2 

,5 

X 


ZriS 

1.2 

X 

10- 

-23 

MgCOg 

4 

,2 

X 

10-® 

FeS 

1.5 

X 

10- 

-19 

CaCOs 

4 

.8 

X 

10-» 

MnS 

1.4 

X 

10- 

-16 

SrCOs 

1 

.6 

X 

10-* 






BaCOs 

7 

.0 

X 

10-» 






BaCr04 

2 

.3 

X 

10-10 







ments the solubility product constants of many compounds are so 
uncertain as to be practically valueless. This is true especially of 
most hydroxides and many sulfidas and for this reason values for 
many of these compounds are omitted from the table. Also, 
different values for the same constant are given by different in- 
vestigators; those included here are believed to be the most 
reliable. 

The solubility product constant, like the solubility, changes 
with the temperature. The values here given apply with reason- 
able accuracy to solutions at ordinary room temperatures. Room 
temperature is assumed in all of the following problems involving 
solubility product constants. 
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Application of the Solubility Product Principle to Precipitation. 

The solubility product constant gives a measure of the concentra- 
tion of ions which are in equilibrium in a saturated solution of a 
sparingly soluble electrolyte. This value must be reached to 
establish equilibrium and must be exceeded before a solid, i.e. 
a precipitate, will separate out. Since the constant is a prodiict 
of two or more factors expressing concentration of ions in equilib- 
rium, these concentrations need not necessarily be equivalent 
to each other, as was the case in calculating the constants from 
pure solutions of the compound; all that is required for equilib- 
rium to be established is for the product of the gram-ion concen- 
trations to reach the numerical value of the constant for the com- 
pound in question. 

What happens during the formation of a precipitate is this: 
Precipitating ions arc added, in the form of a solution of an electro- 
lyte, to the solution which contains the ions to be precipitated. 
When an amount of precipitating ions is added such that the 
product of the ion concentrations (the gram-ion concentration of 
precipitating ions X gram-ion concentration of ions to be pre- 
cipitated) is exactly equal to the iCg.p., the ions will be in equilib- 
rium and the solution will be saturated. Addition of a further 
amount of precipitating reagent will result in the formation of a 
precipitate, since the solution is already saturated with ions. 
The solid will continue to separate during the addition of pre- 
cipitating ions until the ions whose precipitation is desired have 
been practically, but not entirely, removed from solution. At all 
times after a precipitate has initially formed, the solution sur- 
rounding it contains the two or more sets of ions in such amounts 
that the product of their gram-ion concentrations always equals 
the solubility product constant. 

Before considering further the extent to which it is possible to 
remove ions by precipitation, let us apply the principle to the for- 
mation of a precipitate of AgCl. Suppose it is desired to make a 
qualitative test for silver in a solution of AgNOa which is 0.0001 M. 
At this dilution the solution is practically completely ionized so 
that the gram-ion concentration of silver ion is 0.0001. The quan- 
tity of chloride ion required before a precipitate of AgCl will 
form can be readily calculated from the expression: 

^Ag+ X Cq\- = iirB.p,(AgCl) 

0.0001 X * » 1.1 X 10-“ 
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from which a; = 0.000001 gram-ion of CP, the amount which must 
be added in the form of HCl, NaCl or any other soluble chloride 
in order to saturate the solution. Any amount beyond this will 
result in a precipitate of AgCl and give the desired test for silver. 
As more and more chloride ions are added they will at once unite 
with silver ions, precipitating increasing quantities of AgCl and 
progressively lowering the concentration of silver ions remaining 
in solution. 

Effect of Excess Precipitating Agent. As long as AgCl con- 
tinues to form, silver ions and chloride ions are being removed in 
equal quantities, and to satisfy the equilibrium requirements the 
supply of ions must be maintained by adding more chloride ions. 
A point is eventually reached when the concentration of chloride 
ions is greatly in excess of silver ions but still equilibrium is main- 
tained. What is required therefore to cause the reaction to run 
practically to completion and to insure almost complete precipi- 
tation (and separation) is the addition of an exce.ss of precipitating 
ions. An excess of precipitating agent will have the effect of 
forcing more of the solid to separate out; this is analogous to the 
effect of a large excess of common ions in repressing the ionization 
of weak electrolytes. The effect on the equilibrium in both cases 
is to lower the concentration of the other set of ions. 

In following the course of ionic changes during precipitation 
we must recognize two stages, namely, first, the stage at which 
equilibrium is first established when the Ag p. is reached and 
beyond which precipitation will take place; second, the final 
stage, in which the concentration of precipitating ion is greatly in 
excess of that for the ions whose (practical) complete removal is 
desired. At all times after the first stage, the product of the con- 
centrations is numerically equal to the Kg p. of the compound being 
precipitated. Absolutely complete removal of ions is, according 
to this principle, impossible, but for practical purposes of separation 
the precipitation is sufficiently complete. 

Application of the Solubility Product Principle to the Dissolving 
of Precipitates. Inasjnuch as the solution surrounding any pre- 
cipitate is saturated with respect to the ioiis which form that pre- 
cipitate, the ions are in equilibrium with each other. If the con- 
centration of one or the other or both ions is lowered the equilibrium 
will be disturbed and more solid will dissolve in order to restore 
equilibrium. Thus, increasing the amount of solvent will lower 
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the concentration of both ions and more solid will dissolve at the 
greater dilution; or the addition of a reagent which will cause a 
decrease in ionization, by forming, for example, a weakly ionized 
electrolyte or a complex ion, will disturb the equilibrium and re- 
move ions from solution. For example, calcium oxalate will 
dissolve in dilute HCl. This is explained as follows. 

When HCl is added to CaC204 the equilibria shown below are 
set up: 

CaC204 Ca++ + C2O4- 

2HC1 2Cr + 2H+ 

(highly ionized) ^ ^ 

CaCl2 H2C2O4 

(highly ionized) (less ionized than HCl) 

The 0204“ ions in equilibrium with Ca++ ions arc used up in form- 
ing oxalic acid, thus disturbing the equilibrium, and in order to 
restore it more solid CaC304 must dissolve and ionize. Final 
equilibrium will be established when all the solid CaC204 has 
dissolved. 

Another example, the dissolving of ZnS in HCl, may be cited. 
The ionic changes and the equilibria finally established may be 
diagrammed thus: 

ZnS^Zn++ + S“ 

2HC1 2Cr -I- 2H+ 

11 11 
ZnCl2 + H 2 S 

(highly ionized) (weakly ionized) 

The formation of weakly ionized H2S which, being slightly 
soluble, escapes from the solution, lowers the sulfide-ion concen- 
tration; to maintain the equilibrium between sulfide ions and 
zinc ions, demanded by the K^ p , more solid ZnS must dissolve. 
Final equilibrium will be attained only when all the ZnS has 
dissolved. 

The formation of complex ions as a means of disturbing equi- 
librium will be discussed on page 79. 

Fractional Precipitation. The foregoing discussion of the theory 
of precipitation has considered the simple case of a single precipi- 
tate being formed. The situation is more complicated where two 
or more kinds of ions are present in the same solution, each set 
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capable of being precipitated by the same reagent. The questions 
arise: Which set will be precipitated first, and will the first set be 
completely precipitated before the second set begins to react with 
the precipitant? 

Obviously, when a precipitating ion is added to a solution 
containing two kinds of ions, each of which can form an insoluble 
compound with the added ion, the solution will become saturated 
with respect to the less soluble compound before it becomes 
saturated with respect to the more soluble compound. For 
example, a solution containing equal concentrations of Br“ and 
Cl~ will become saturated, when silver ions arc added, with respect 
to Ag+ and Br" before the saturation value for Ag+ and Cl” is 
reached, because the of AgBr is smaller than that of AgCl. 
Consequently, AgBr will begin to precipitate first. Ui)on the con- 
tinued addition of Ag-i- the iiCg.p. of AgCl will eventually be reached 
and both AgBr and AgCl will be precipitated simultaneously. 
The concentrations of Br” and Cl” then bear a constant ratio to 
each other, as can be shown in the following way : 


from which 


_ ■^8-P-(AgCl) _ 




C 


Cl- 


8.p.(AgBr) 

C-Br- 


^ ^ ^p A AgP i) ^ = 0.31 X 10'^ 

CBr- A:3.p.(AgBr) 3.5 X 10-'=* 


310 


Hence, in a solution that is .saturated with both AgCl and AgBr 
there will be approximately three hundred times as many chloride 
ions as bromide ions. In any event, the ratio will be the same as 
the ratio of the solubility product constants of the two compounds. 
Such a partial precipitation of one .substanrtc in the presence of a 
less soluble substance having an ion in common with the first is 
termed fractional precipitation. It is involved whenever two or 
more compounds are precipitated from the same solution by the 
same reagent. 


The Properties of Precipitates 

The solubility product principle, valuable as it is, does not tell 
the whole story of precipitation. In fact, there are so many 
factors of which it takes no account that its application to many 
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experimentally encountered situations is quite unjustified. Some 
of these factors are so important that they cannot be disregarded. 

The Salt Effect. We have seen that the addition of a common 
ion decreases the solubility of a precipitate. It might be inferred 
that the addition of an electrolyte having no common ion would 
have no effect on the solubility of the precipitate, but this is far 
from the truth. The presence of foreign ions increases the solu- 
bility of a slightly soluble compound, in some cases to an appre- 
ciable extent. For instance, a solution that is 0.01 M in KNO3 
will dissolve approximately twice as much BaS04 as is dissolved 
by pure water and a 0.5 M solution of NaCl will dissolve about 
five times as much CaC204 as pure water. 

This effect of foreign ions on the solubility of a precipitate is 
called the salt effect. The effect increases with increase in the 
charge on the foreign ion and also with an increase in the charge on 
the ions of the precipitate. The foreign ions decrease the activity 
coefficients of the ions of the precipitate and this decrease must be 
counterbalanced by an increase in the concentrations of the ions. 
This can be shown in the following way, BaS04 being used as an 
example. 

We have already pointed out (page 19 ) the fact tliat equilibrium 
expressions are rigidly true only if activities are used in place of 
concentrations. That is: 

X tts 04 " “ 

But Una++ = /lC'Ba++J flso*- = f2CsOt- 

where / is the activity coefficient. Therefore, 

/lC'Ba++ X / 2 C's 04 - = -K^s-p. 

is the more correct formulation of the solubility product expression 
for BaS04. If, now, the addition of foreign ions decreases the 
activity coefficients fi and /2, it is obvious that in order to keep 
unchanged the coficentvat^oTts Ojjn++ and C'so*- must increase; 
that is, more of the precipitate goes into solution. 

It is not absolutely essential that the additional ions be foreign 
ions; an excess of a common ion will have a similar effect. This 
means that in order to secure maximum precipitation a great 
excess of the precipitating agent is to be avoided, because eventu- 
ally the increase in solubility due to the salt effect more than 
balances the decrease due to the common-ion effect. 
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Complex-Ion Formation. In addition to the salt effect, another 
factor sometimes operates to increase the solubility of a precipitate 
in an excess of precipitating agent. As mentioned previously, 
AgCl, for instance, will dissolve completely in an excess of con- 
centrated HCl, owing to the formation of complex ions of the type 
AgCla” or AgCl4-. Any solution which furnishes a very high 
concentration of chloride ions will, of coui-se, increase the solu- 
bility of AgCl. PbCb acts similarly, forming PbCU". 

We have considered here only those complex ions formed with 
an excess of the precipitating agent. It is, however, possible to 
form a large number of other complex ions; such a process is 
frequently used to produce separations in qualitative analysis. 
Thus, AgCl will dissolve readily in solutions of KCN, NH3 or 
Na2S203: 

AgCl -f- 2CN- ;=i Ag(CN)2" + CF 
AgCl -h 2NH3 Ag(NH3)2+ + Cl" 

2 AgCl -f- 3S2O3 ^Ag2 (8203)3 -f- 2 C 1 

The structure of certain ions of this typo is discnissed on page 81 
and the equilibria relationships involved an^ oonsidened on page 79 . 

Colloidal Systems. In a true solution' the solute is present in 
particles of molecular or ionic size — about J0~“ cm. in diameter. 
If the solute particles are larger, but not so large that they settle 
out on standing for a reasonable length of time, they are said to 
be in the colloidal condition and the mixture is a colloidal system. 
The limits of size of colloidal parti(des may be placed arbitrarily 
at diameters of 10"^ and 10~^ cm. 

For convenience liquid colloidal systems may be divided into 
two general classes — sols and gels — although there is no sharp 
distinction between the two. The terms suggest the general char- 
acteristics of the systems: sols are similar to solutions (low vis- 
cosity, filterable, etc.) and gels resemble jellies; in fact, jellies 
are gels. Although some compounds, such as the hydroxides of 
iron and aluminum, precipitate as gels, this type of colloidal sys- 
tem occurs less frequently in qualitative analysis. 

Sols, however, are of considerable importance, primarily be- 
cause of our desire to avoid them. The dispersed particles in 
sols cannot be removed by filtering and usually not by centri- 
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fuging for a reasonable length of time; consequently, sol formation 
may make an analytical separation incomplete or impossible. 
Sol formation is particularly undesirable in the semi-micro method 
because of the small amounts of materials used and the extreme 
sensitivity of some of the tests to contaminating ions. 

The suspended particles in sols aU carry either positive or nega- 
tive electric charges; that is, sol particles are essentially gigantic 
ions. The charges arise in either of two general ways: (1 ) adsorp- 
tion of ions from the solution onto the surface of the sol particle; 
(2) partial ionization of some component of the sol particle, the 
ions of one sign going into the solution and the ions of opposite 
sign remaining on the sol particle. Whatever the origin of the 
charges, they cause the sol particles to repel each other, thus tend- 
ing to prevent collisions and consequent coagulation of the sol. 
The charges, then, stabilize the sol. If these charges can be 
removed or d(^creased sufficiently the sol particles will collide more 
frequently and coagulation will occur. 

Heating tends to remove the adsorbed ions and hence en- 
courages coagulation. If ions of charge opposite to that of the 
particle are adsorbed in sufficient numbers they will effectively 
neutralize the charge of the particle and consequently produce 
coagulation. Therefore, the addition of an ionized compound to 
the system will sometimes bring about precipitation of the sol. 

An obvious objection to this method of precipitating a sol is 
the impossibility of adding negative ions to a positively charged 
sol without adding at the same time an equivalent number of posi- 
tive ions. The latter might reasonably be expected to aid in 
stabilizing the sol and thus counteract the coagulating effect of 
the negative ions. The same argument holds, of course, for nega- 
tive sols and positive coagulating ions. This stabilizing effect, 
although it undoubtedly exists, is, however, of less significance 
than the coagulating tendency of the oppositely charged ions. 

A very important factor in determining the coagulating power 
of an ion is the number of units of charge that it carries. The 
coagulating ability increases greatly with increase in the charge. 
Thus, aluminum compounds are much more effective than mag- 
nesium compounds, which in turn are more effective than sodium 
compounds, in coagulating negative sols; similarly phosphates, 
sulfates and chlorides have decreasing abilities, in the order named, 
to coagulate i^ositive sols. 
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As far as application in a scheme of analysis is concerned, 
however, this charged effect usually cannot be utilized because 
divalent and trivalent ions, if added, wiU almost always produce 
unwanted precipitations or other reactions. Hydrogen and hy- 
droxyl ions arc much more effective than other monovalent ions 
and arc sometimes used to coagulate colloidal particles; NH4NO3 
and NII4CI are the salts most commonly used to destroy colloidal 
suspensions because, although they are not as effective as other 
salts, they do not complicate the usual scheme of analysis. The 
addition of these compounds to the water used to wash precipi- 
tates tends to prevent the precipitate from going into the colloidal 
condition. Frequent use is made of this fact in the schemes of 
analysis. 

Colloidal systems may bo formed spontaneously in precipitations 
or in oxidation-reduction reactions, cspc'ciallj'’ in those involving 
th(; formation or dissolving of sulfides. Thus, the addition of H2S 
to a solution containing ions of a nu'tal whi<‘h forms a slightly 
soluble sulfide will frequently produce a colloidal sus])ension of 
the sulfide, especially if the solution is alkaline. The sulfide .sol 
is stabilized by the adsorption of H2S, hydrosulfide or sulfide 
ions (the latter two arc present in high conccuitration in an alka- 
line solution) and may usually be (uiagulated liy increasing the 
acidity of the system, provided, of course, the incri'asod acidity does 
not cause the precipitate to redis.solve. Similarly, the oxidation 
of H2S or a sulfide or th(^ acidification of a polysulfide usually 
rc.sults*in the formation of a white colloidal suspension of sulfur 
which may be very hard to eliminate. 

In the analytical scheme sulfur suspcai.sions ai e almost invariably 
obtained (a) in precipitating Groiq) IT of the cations if any oxidiz- 
ing agents arc pro.sent, (b) in dissolving the Group II-A sulfides in 
HNO3 and (c) in reprecipitating Group II-B sulfides by acidifying 
the polysulfide solution. When very strong oxidizing agents an; 
used some of the sulfur is oxidized to SO4”’ hut it is difficult to 
eliminate all of it in this way. 

Up to this point we have said le.ss about gels than their impor- 
tance merits. Gels and sols differ not in type but only in degree. 
Many compounds which C‘asily form sols can be obtained in the 
form of gels by using approjiriate tcichniques. For iristancc;, BaS04 
as usually prccupitated forms a sol, but if saturated .solutions cf 
Ba(CNS)2 and MnS04 (the most soluble barium salt and the most 
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soluble metallic sulfate) are mixed, a gel of BaS04 is obtained; 
this gel is so viscous that it cannot be pourfid from the container. 

One of the factors determining whether a given precipitation 
process will result in the formation of a sol or a gel is the rate of 
formation of nuclei of the precipitate; if the rate of formation is 
very high a gel will result and if it is relatively low a sol will be 
formed. The rate of nuclei formation will be higher as the con- 
centrations of the precipitating solutions are greater and as the 
solubility of the precipitate is lower. Consequently, gel formation 
may be minimized by carrying out precipitations slowly, at the 
boiling point, using solutions that are not too concentrated. 
These conditions discourage the formation of any type of colloidal 
system. 

Some precipitates, however, are gelatinous even if all the above 
conditions arc observed. Among these are the hydroxides of iron, 
aluminum and chromium. These form gels because their solu- 
bility is so exceedingly low that this factor outweighs all the others. 

To speak of gelatinous precipitates in general and of the above 
hydroxides in particular as definite chemical compounds is a type 
of chemical fiction. It is doubtful whether a compound such 
as, for example, Fe(OH)3 actually exists; if it does, it is not the 
reddish, gelatinous material to which this formula is usually 
applied. The so-called ferric hydroxide is really a hydrated oxide 
of indefinite composition, perhaps best represented by the formula 
Fe203(H20)a;, or possibly by FeOOH. The same is true of most 
“ hydroxides ” of trivalent and tetra valent metals, so when the 
student encounters such formulas as Al(OH)3 and Mn(OH)4 he 
should interpret them as meaning “ hydrated AI2O3 ” and “ hy- 
drated Mn02.” 

Contamination of Precipitates. When any precipitate sepa- 
rates from a solution it carries with it from the solution, either 
occluded within the crystals or adsorbed on the surface, some of 
the cations and anions which normally constitute soluble com- 
pounds. Thus, if AgCl is precipitated from solutions of AgNOs 
and NaCl, the precipitate, even after washing, will contain some 
NaCl. This phenomenon is called coprecipitation. The soluble 
coprccipitated compound very frequently has one ion in common 
with the precipitate. 

If the foreign substance is not carried down along with the main 
precipitate but forms later on the surface of the precipitated par- 
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tides it is said to be postprecipitated; this phenomenon is called 
postprecipitation. This effect is noticed particularly with the 
sulfides. Zinc, for instance, will not precipitate as ZnS when a 
0.01 M solution of a zinc salt, 0.1 M in hydrogen ion, is saturated 
with H 2 S, even though the solution is supersaturated with ZnS. 
If, however, Hg++, Cu++ or some other metallic ion which forms 
a very insoluble sulfide is present, this sulfide will precipitate 
immediately when HgS is added and ZnS will then be precipitated 
from the supersaturated solution onto the surface of the other 
sulfide. In this way as much as 95 per cent of the zinc in a solu- 
tion may be postprecipitated on another sulfide under conditions 
such that if the second sulfide were not present no ZnS would 
appear. 

In schemes of qualitative analysis which utilize H 2 S to precipi- 
tate Hg++, Pb"'^, Bi++^‘, Cu++, Cd++, etc., from acid solution, 
a large proportion of any Zn++ present may be postprecipitated on 
these sulfides and therefore lost. This may account for the dif- 
ficulty that is sometimes experienced in detecting zinc at its 
proper place in the scheme of analysis. 

It is to be noted that the failure of ZnS to precipitate when H 2 S 
is passed into a moderately acid solution of a zinc salt is dm; not 
to its solubility but, apparently, to the slown(‘ss of the reaction 
and to the formation of a highly supersaturated solution of ZnS. 
The presence of other sulfides does not render the ZnS less soluble 
but simply promotes precipitation from an already supersaturated 
solution. 

It must not be supposed that postprecipitation is limittxl to 
zinc sulfide or even to sulfides in general. The only requirement 
for postprecipitation is that the solution be suptirsaturated with 
respect to some constituent which normally would not be precip- 
itated because of the slowness of crystallization. This condition 
is satisfied much too frequently in qualitative analysis. 

Contamination is especially high for those precipitates which 
are obtained in a gelatinous form, such as the hydrated oxides of 
iron and aluminum. Much of the contamination is du(i to the 
large amount of mother liquor included in the precipitate; this 
can be removed by repeated washing. There is, however, an 
appreciable amount of adsorbed contaminants which cannot be 
removed by washing. 
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REVIEW EXERCISES — SET 6 


1 . Calculate the solubility product constants of the following salts, 


assuming complete ionization; 

Solubility 

Salt 

Moles per Liter 

(a) BaS04 

1 . 1 X 10-® 

{h) Zn(OH )2 

6.3 X 10-^ 

(c) HgaCU 

8.0 X 10“^ 

(d) BaCr ()4 

1.5 X 10“® 

(e) ZnS 

3.5 X 10-12 


2 . Calculate the solubility product constants of the following salts, given 
the solubility in grams per liter and assuming complete ionization: 


Solubility 

Salt Cfvams 'per Liter 


(a) 

HgS 

1 

.5 

X 

10- 

-24 

(b) 

MnS 

3 

.3 

X 

10- 

-6 

(c) 

Mg(OH)2 

1 

.2 

X 

10- 

-2 

id) 

Hg2l2 

2 

.0 

X 

10- 

-7 

(e) 

Fe(OII)., 

4 

.8 

X 

10- 

-8 


3 . Calculate the chloride-ion concentration necessary just to start the 
precipitation of the chlorides of (iroup I, in tlie test solutions of Ag"^, Pb"'^^ 
and Hg 2 “’‘^, each solution containing 10 milligrams of the ion per milliliter 
(10 grams per liter). 


Solution 

^a) Ag+ 

(b) Pb+^ 

(c) Hg2-"^ 


a:8.p. 

1 . 1 X 10“!^ 
2.4 X 10-^ 
2.0 X 10-1^ 


4 . Calculate the gram-ion concentration of Fe^^^ required to produce a 
precipitate of Fe(OH )3 in a liter of ammonium hydroxide which contains 
1 X 10”"^ gram-ion of OH'. The /vs.p. of Fe(OH )3 is 1.1 X 10“^^. 

6. The Mg^^ test solution contains 10 milligrams Mg++ ion in each 
milliliter. What OH' ion concentration is required to cause precipitation of 
.Mg(OH )2 in such a solution? The /vg.p. of Mg (011)2 = 3.5 X 10~^^. 

6. At what hydrogen-ion concentration will MnS just begin to precipitate 
when H 2 S is passed into a solution that is 0.10 M in 

7 . CaC 204 is soluble in HCl but not in HC 2 H 3 O 2 . Explain fully why 
this is to be expected? 

8. ^Wliat is the maximum amount of Na 2 S 04 that can be abided to 1 ml. of 
a solution containing 1 milligram of Sr'^'^ without causing precipitation or 
supersaturation? 

9. What is a colloidal system? What are the limits of size of the par- 
ticles in a solid-liquid system? What is a sol? A gel? How may each be 
formed? Why are colloidal systems undesirable, in general, in analytical 
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chemistry? Can you think of any that are desirable in analytical chemistry? 
How may the formation of sols be avoided? How may sols be coagulated? 

10. Define coprecipitation and postprecipitation. Why are these effects 
of particular importance in analytical chemistry? 

THE THEORY OF COMPLEX IONS 

The Composition of Ions. Ions differ greatly in their chemical 
composition, as well as in the nature and number of their electrical 
charges. The simplest ions consist of charged atoms ; for example, 
the positively charged metal atoms such as Ag+, Cu++, Cd++, Fe++ 
and Fe"*^"^, and the negatively charged atoms of non-metallic ele- 
ments such as the sulfide ion, S”, and the halide ions, F', Cl”, Br”, 
I”. On the other hand, atoms of different elements may unite into 
radicals, which,, when charged, form ions of widely varying molec- 
ular complexity. Among these chargcxl groups of atoms arc many 
which in their chemical reactions behave as simple ions, as, for 
example, the ammonium cation, NH4+, and such acid radicals as 
the cyanide, CN”, the sulfate, S04“, the arsenate, ASO4-, and the 
tartrate, C4H406“, anions. There is yet another considerable group 
of ions of still greater complexity whose reactions and equilibrium 
relationships are extremely important in analytical procexluros. 
To this latter group the term “ complex ions ” is applied. 

Complex Ions. The most important complex ions encountered 
in qualitative analysis are those formed by the combination of 
metal ions with (a) ammonia and (b) cyanide ions, (c) sulfide 
ions, (d) halide ions and (c) organic ions. Examples of these com- 
plexes are discussed below. 

Complex Ions of Metals with Ammonia. Silver chloride dis- 
solves in ammonium hydroxide (an aqueous solution of NH3) ac- 
cording to the reaction : 

AgCl 4- 2NH3 = Ag(NH3)2+ + Cl (1) 

The complex diammono-silver ions further ionize to a very slight 
extent into Ag"'' ion and 2NH3 : 

Ag(NH3)2+ Ag+ -h 2NH3 ( 2 ) 

The equilibrium expression for reaction (2) is: 

Car* X (Cnhi)^ ^ 

CAg(NH.)j* 
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The equilibrium constant, K, is called the instability constant 
of the complex Ag(NH3)2''' ion. Its value is 7 X 10 “®. This small 
value of K shows that the complex ion is relatively very stable and 
that, in an ammoniacal solution of a silver salt, the silver is very 
largely combined with NH3 and exists mainly as the complex 
Ag(NH3)2+ ion. 

Other similar complex ions of considerable importance in quali- 
tative analysis are those of copper, Cu(NH3)4++; of cadmium, 
Cd(NH3)4++; of nickel, Ni(NH3)4++; of cobalt, Co(NH3)4++, and 
of zinc, Zn(NH3)4++. 

Complex Metal-Cyanide Ions. A number of metallic ions form 
complex ions with the cyanide ion. The best known of these are 
the ferrocyanide ion, Fe(CN)e”", and the ferricyanide ion, 
Fe(CN)6“, which in the form of potassium salts are used as test 
reagents for iron and certain other metals. Other complex cyanide 
ions are: the cuprous cyanide, Cu(CN)4-; the cadmium cyanide, 
Cd(CN)4”; the silver cyanides, Ag(CN)2~ and Ag(CN)3“’, and 
those of mercury, nickel, cobalt and gold, viz., Hg(CN)4"‘, 
Ni(CN)r, ("o(CN) 6" and Au(CN)2~. 

Complex Metal-Sulfide Ions. When ammonium sulfide, 
(NH4)2S (the so-called colorless, monosulfido reagent), acts on 
AS2S3, the precipitated arsenious sulfide dissolves forming the ion 
AsSs", called the thioarscnite or sulfoarsenite ion: 

AS2S3 ■}” 3 S“ = 2 AsS 3 “ 


The equilibrium here may be formulated by the equation: 

X (Cs-f 


= Kn 


'AaSr 


(instability) 


Similar equilibria may be formulated for the AsS4®, SbS3®, 
SbS4^, 8083” and HgS2“ complex ions. Since these complexes are 
very stable, the instability constants are very small numbers. The 
constants for many complex ions have not been determined. 
Knox (Trans. Faraday Soc., 4 , 36 , 1908 ) has determined the value 
for the ratio CHg++ X (Cs-)^ -j- Cngs.- to be 1 X 

These complex metal-sulfide ions are analogous to the better 
known oxy-ions of these elements. In fact, in composition they 
ml^y be regarded as the oxy-ions (acid radicals) in which the oxygen 
has been replaced by sulfur. The analogy is shown in the follow- 
ing tabulation: 
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OXY-IONS 

Thio-Ions 

Arsenite 

AsOa" 

Thioarsenite AsSa" 

Arsenate 

As04“ 

Thioarsenate ASS 4 " 

Antimonite SbOs" 

Thioantimonite SbSa" 

Antimonate Sb 04 * 

Thioantimonate SbS 4 “ 

Stannite 

SnOa" 

Thiostannate SnSs" 

Stannate 

SnOa- 



Other Complex Ions, Certain metal ions readily form complex 
ions with halide ions. Mercury, for example, forms the complex 
chloride, bromide and iodide ions, viz., HgCb", HgBr4", Hgl4”. 
The instability constants for these are given in Table VII. In the 
familiar precipitating agent for potas.sium, H2PtCl6, the platinum 
forms the ^omplex chloroplatinate ion, PtClfi", with the chloride 
ion. Gold also forms complex halide ions. These complexes are 
of considerable importance in analytical procedures. 

TABLE VII 


Instability Constants at 25° C. 


Dissociation Reaction 

^instability 

Ag(NH3)2+ Ag+ + 2NIIj 

7 X 10“® 

Ag(CN)2' Ag+ + 2CN' 

1 X 10-21 

NH 4 + ;;=i H+ -1- NH 3 

6 X 10-1® 

Cu(NH3)4+^ ^ Cu++ + 4 NH 3 . 

1 X lo-’^ 

Cu(CN)4“ ^ Cu+ + 4CN‘ 

5 X 10-2» 

Cd(NH 3 ) 4 ++ ^ Cd++ + 4NH3 

1 X lo-'^ 

HgCL- Hg++ + 4Cr 

1 X 10-1* 

HgBr 4 “ Hg++ + 4Br' 

2 X 10-22 

Hgl4- Hg++ + 41- 

5 X 10-21 

Hg(CN)4- Hg++ + 4CN- . 

4 X 10-^1 

Zn(NH3)4++ Zn++ + 4NH3 

3 X 10-1® 


Complexes also form between certain metallic ions and organic 
radicals. The tartrate ion, in particular, has the tendency to com- 
bine with metals such as copper and antimony, thereby interfering 
with tests for these metallic ions. 

The Structure of Complex Ions. Covalence, and coordinate 
valence, especially, are important in the discussion of complex ions 
because it is by means of these two types of bonds that the parts 
of a complex ion are held together. To get some idea of the nature 
of this binding we may use for a simple example the intensely blue 
complex ion formed by adding a solution of NH3 to a solution of a 
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copper salt, a reaction with which the student is undoubtedly 
familiar. The copper ion as it exists in the original solution has, 
of course, no electrons in the valence shell. The nitrogen atom 
in NHa has shared 3 of its 5 electrons with 3 hydrogen atoms, giv- 
ing it a total of 8 electrons in its valence shell and leaving a pair of 
electrons not shared with any atom. The NH3 molecule accordingly 
shares this pair of electrons with the Cu++ ion; a similar action on 
the part of 3 other NH3 molecules gives the ion a stable group of 8 
electrons in its valence shell while still retaining its original charge. 
The condition in which the ion has a valence feroup of 8 electrons 
appears to be a more stable arrangement than that in which the 
valence group is entirely empty, so that the complex ion is a rela- 
tively stable ion. We may represent the complex ion'&.s follows: 

NH3 1 ++ 

Jl 

H3N=;Cu±=NH3 

ir 

NH3 J 

The NH3 molecule when combined in a complex ion is called the 
ammono group, so this ion is properly called the tetrammono- 
cupric ion. 

A statement similar to the above may serve to explain the 
structures of very many complex ions and hydrates, the latter 
being, at least in many instances, a type of comjjlex ion. A dif- 
ficulty arises in cases like Ag(NH3)2+ and Co(NH3)6+++ where, 
following the same general line of thought, it would appear that 
there are, respectively, 2 and 6 coordinate bonds an^ hence 4 and 
12 electrons in the valence groups of the silver and cobalt, whereas 
we have been led always to expect a stable group of 8 . This dif- 
ficulty may be resolved, but not without damage to the apparent 
.simplicity of the preceding discussion, by assuming ( 1 ) that the 
stable group need not always consist of 8 electrons but may at 
times, depending largely upon the relative sizes of the atoms or 
groups concerned, be any even number from 4 to 16 , 8 and 12 being 
by far the most common; or ( 2 ) that a single electron or even 3 
electrons, instead of the usual 2 , may sometimes form a bond. 
Each of these possibilities has evidence in its favor, but as yet there 
is no way of knowing which, if either, is the correct explanation or 
whether Iwth may be right. 
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The Werner Theory of Valence. In the compound CuS04 the 
copper was formerly considered to have a “ valence ” of +2 and 
the sulfate to have a “ valence ” of — 2. On this basis alone, it 
is obviously impossible to explain the formation of the compound 
Cu(NH 3)4S04 from a supposedly “ neutral ” molecule of CUSO4 
and supposedly neutral NH3 molecules. Likewise, other complex 
compounds are formed with complete disregard for the traditional 
rules of valence. This difficulty was recognized many yearn ago 
but was completely unresolved until Werner, in 1891 , long before 
the development of the electronic theory of valence, introduced a 
theory which systematized the study of such compounds and to a 
lai^e extent explained their structure and behavior. 

Werner postulated the existence of two types of valence: (1) 
primary valence, by means of which the copper and the sulfaft^, 
in the above example, are held together, and (2) secondary, auxil- 
iary or coordinate valence, by means of which “ neutral ” molecules 
such as NH3 may be joined to other neutral molecules without af- 
fecting the primary valences in the molecules so joined. It is tlu' 
primary valence of Werner that has been traditionally known as 
the valence of an element or radical. 

Werner assigned a definite secondary valence to an element or 
radical, the value depending upon the number of molecules, such 
as NH3, which could combine with one atom of the element or a 
single one of the groups. Just as some elements may have a 
variable primary valence, so also they may have a variabk? second- 
ary valence. The number of units of secondary valence is called 
the coordination number of the atom exhibiting the valence; thus, 
in Cu(NH 3)4S04 the coordination number of copp(;r is 4. The 
values of the coordination number rang(^ from 2 to 8, with 4 and 
8 by far the most frequent in occurrence. The combination of the 
central atom and the groups attached to it by secondary valence 
bonds is called the coordinated group and is distinguished from 
the rest of the molecule by enclosing it in brackets, as in the 
formula Cu(NH3)4S04. Werner used a dotted line to indicate a 
secondary valence bond; this representation Is still in common use. 

The idea of secondary valence was very extensively developed 
by Werner and by others. It was discovered that the maximum 
value of the coordination number may be closely correlated with 
the position of the element in the periodic table, the maximum 
value increasing with increase in the atomic number of the element 
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This would seem to indicate a dependence of the coordination 
number on the size of the central atom, which would suggest some 
sort of regular geometrical arrangement of the coordinated mole- 
cules about the central atom. Considerable evidence indicates 
that this is a correct interpretation. 

The Electronic Explanation of Werner’s Theory. The student 
has undoubtedly noted by this time the similarity between Werner’s 
primary valence and the polar valence of the electronic theory, as 
well as that between his secondary valence and what we have de- 
scribed previously as coordinate valence. This is more than an 
accidental resemblence ; in fact, they are essentially the same theory 
expressed in different terms. The relationship may be made still 
more apparent by considering a few more aspects of Werner’s 
theory. 

An important feature of the theory is that it is possible for a 
singly charged anion to take the place of one of the neutral mole- 
cules in the coordinated group, but when this occurs the charge on 
the coordinated group is changed by an amount equal to the charge 
on the replacing ion. Any ion so included in the coordinated group 
loses many of its characteristic properties; chloride ion, for in- 
stance, is no longer precipitated when silver nitrate is added. 

We may now see the application of the above features to some 
specific compounds. For this purpose we may use for the central 
atom trivalent cobalt which has a maximum coordination number 
of 6 and, as will be learned later, forms a great number of complex 
ions. The complex ion formed with ammonia should have the 
formula [Co but this happens to be only one of a series 

of complex ions containing cobalt and ammonia. This series is of 
no particular importance in itself as far as we are concerned, but it 
illustrates so well the range of possibilities in the formation of 
such ions that we may be justified in examining it in some detail. 

If we consider the [Co(NH3)6]+'''''' ion and replace the ammonia 
molecules one by one by a singly charged anion, which we may 
designate by X, ions of the following compositions and charges 
will be obtained : 

[Co (NH3 )5X]++ [Co (NH3 )4X2l+ [Co (NH3 hXzf 

[Co(NH 3)2X4 ]~ [Co(NH 3)X5]“ [CoXel- 

Many compounds containing the above ions, X being Cl" , NOs" , 
5804” or some similar group, have been prepared. The changes 
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in color of cobalt solutions when ammonium hydroxide is added 
may be interpreted as being due to a change from one to another 
of the above ions. 

The explanation of the formation of this series of compounds 
on the basis of the electronic theory is relatively simple. In the 
[Co(NH 3)6]^'^ ion the cobalt ion has a coordination number of 6, 
i.e., 6 pairs of electrons have been shared with it, 1 pair coming from 
each of the 6 NH3 molecules. If, by some means, one of these 
NH3 molecules were to be removed from the coordinated group, 
taking with it both of the shared electrons, the cobalt ion would 
have an unsatisfied secondary valence, that is, an incomplete 
group of electrons, and would be in a position to form another co- 
ordinate bond with some other molecule or ion. The chloride ion, 
for example, having 4 pairs of electrons not shared with any atom, 
is able to supply the 2 electrons needed by the cobalt and ac- 
cordingly enters the coordinated group. However, since the 
chloride ion carries one unit of negative charge, the net charge of 
the coordinated group is lowered by this amount, giving the formula 
[Co(NH 3)5C1]++. Also, since the chloride ion is now attached by 
means of a coordinate bond it is no longer able to give the reactions 
characteristic of the simple ion; for instance, it is not precipitated 
as AgCl when AgN03 is added. By a repetition of the above 
process, until finally no more NH3 molecules remain in the co- 
ordinated group, each of the other ions may be formed. 

Throughout this discussion we have been speaking only of ions, 
but it has probably been noted that one member of the series is 
not an ion but a non-ionized compound. Compounds of this type, 
e.g., [Co(NH 3)3(N03)3], are those in which there have been in- 
troduced just enough negatively charged ions to compensate for 
the positive charge of the original ion, leaving the entire coordinated 
group vmcharged or non-ionized and hence analogous to non- 
ionized organic compounds such as chloroform. Such non-ionized 
organic compounds are usually insoluble in water , but soluble in 
ether or alcohol, distillable and rather inert chemically; similarly, 
compounds of the above type, even though they may be purely 
inorganic, are analogous in many points of behavior to the non- 
ionized organic compounds. 

So far we have considered only purely inorganic complex ions. 
There are, however, many organic molecules, such as urea, pyridine, 
ethylenediamine, hexamethylenetetramine and many others, which 
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readily enter the coordinated group and give rise to the so-called 
metallo-organic compounds. Many of these organic compounds 
contain nitrogen and it can be shown that usually, if not invariably, 
there is an unshared pair of electrons on the nitrogen atom, by 
means of which a coordinate bond may be formed with the central 
atom. The compounds that do not contain nitrogen can also be 
shown to possess such an unshared electron pair at some point in 
the molecule. By making electronic diagrams, the student may 

O 

II 

prove to himself that the groups — C— and =N— O— H, for ex- 
ample, always contain such a pair on the oxygen and nitrogen 
atoms, respectively. 

Such organic compounds as tartaric acid, citric acid and sugars 
interfere with the normal reactions of iron, cobalt and other metals. 
Examination of the formulas of these substances will show that 

O 

II 

each contains several — C— groups, indicating that it is possible 
for them to enter the coordinated group of the metal, forming 
complex ions and thus, as would be expected, giving a behavior 
different from that usually attributed to the metallic ion itself. 
The formation of such complex ions may, if they are distinctively 
colored, serve as a qualitative test for the metal ion. Examples of 
this sort are found in the descriptions of the reactions of the metals. 

Chelate Compounds. Thus far in the discussion of complex 
ions and compounds we have mentioned only those in which a 
molecule in the coordinated group has only one point of attachment 
to the central atom. It is perfectly possible, however, for the same 
molecule to be attached to the central atom at two points, thus 
forming a ring .structure. Compounds having such a structure have 
been called inner-complex compounds or chelate compounds, the 
work chelate, meaning “ clawlike,” suggesting the manner in which 
the molecule is attached to the central atom. 

The molecule may be attached to the central atom by 2 covalent 
bonds, by 1 covalent and 1 coordinate bond Or by 2 coordinate 
bonds. Of these three possibilities only the latter two will be con- 
sidered here; we shall make no effort to distinguish between them, 
although it is possible to do so. The nature of these chelate com- 
pounds is best explained by consideration of a specific example. 
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Nickel, which commonly has a primary valence of 2 and a coor- 
dination number of 4, forms with dimethylglyoxime (see page 174). 

CHa— C=N. 

^OH 

/OH 

CHs— C=N/ 

a compound having the structure: 

CHa— C=N N=C— CHs 

\ / ' 

O O 


\ / 



It will be noticed that each of the two organic molecules is at- 
tached to the nickel at two points, forming 2 six-membered rings 
— a chelate compound. It is seen that nickel has taken the place 
of a hydrogen atom in each of the two organic molecules, forming 
covalent bonds with the oxygen atoms to which the hydrogen was 
originally attached. The originally unshared pair of electrons on 
the nitrogen atoms of the other two = N — OH groups now form 2 
coordinate bonds with the nickel. 

Dyeing with the use of a mordant, and analytical tests depend- 
ing upon such a process, may also be explained as being due to the 
formation of chelate compounds. The ahiminon test for aluminum 
illustrates this. When aluminon, a red dyestuff, is added to an 
acid solution containing aluminum, the red color is distributed 
uniformly throughout the solution. The addition of ammonium 
hjalroxide to this solution results in the formation of clumps of 
hydrated aluminum oxide which are colored, bright red by the 
dye. The dye collects on the precipitate, leaving the solution 
practically colorless. Dyes which behave in this way have groups 
that favor the formation of chelate compounds, and although 
frequently the actual structure of the colored material is totally 
unknown, it is highly probable that it is a chelate compound. 

A material like hydrated aluminum oxide which combines with 
a dye and forms a stable colored complex is called a mordant; the 
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combination of a mordant and a dye is called a lake. Lakes are 
frequently described as being adsorption complexes, but it is prob- 
able that, in this case at least, adsorption is to be interpreted 
as an actual chemical combination. 

By far the greater number of chelate compounds have rings 
containing 5 or 6 atoms. A ring of this size seems to give greater 
stability than one containing fewer than 5 or more than 6 atoms. 
Students of organic chemistry will recognize this fact as further 
evidence in support of the Baeyer strain theory of ring formation. 

Although the chelate compounds that are of the greatest im- 
portance in analytical chemistry are those that are insoluble in 
water, it must not be supposed that all of them are insoluble. 
On the contrary, such soluble materials as the complex compounds 
formed by iron and cobalt with tartrates and citrates are probably 
chelate compounds. 

REVIEW EXERCISES — SET 6 

1. What is the Werner theory of valence? Show how it applies to some 
specific complex compounds. 

2. Explain Werner’s theory in terms of electrons. Account for the forma- 
tion of series of complex ions by replacement of groups within the coordinated 
group. 

3. What are chelate compounds? Illustrate. 

4. List the complex ammonia ions that are encountered in the scheme of 
cation analysis. 

6 . Find in the cation scheme examples of separations that depend upon 
the relative stabilities of 2 or more complex ions. 

6. Mention some precipitates, formed in the cation analysis, which are 
dissolved with the formation of complex ions. 

7. What are hydrates? Hydrated oxides? Describe their structure on 
the basis of complex-ion formation. 

8. Why do tartrates, citrates and similar organic anions interfere with the 
cation analysis? Why do they interfere more seriously with such metals as 
iron and copper than with metals like calcium or sodium? 

9. What is the concentration of Cu+ in a solution that is 0.001 M in CN” 
and contains 0.1 gram-ion per liter of Cu(CN)4“? 

10. What concentration of NH3 must be present to keep CAg+ down to O.O 4 I 
gram-ion per liter in a solution containing 1 gram-ion per liter of Ag(NH3)2^? 

11. From the instability constant of Cu(NH3)4+'^ and the Xfl.p. of CuS, 
calculate whether CuS would be expected to dissolve in a 10.0 M solution 
of NH3. Hint: Find whether CuS or the complex ion gives the larger Cu++ 
concentration. 

12. Which would contain the larger concentration of Ag+: a solution 0.1 
M in Ag(NH3)2^ and 0.1 M in NH3 or a solution 1.0 M in Ag(CN)2“ and 
0.01 M in CN’? 
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AMPHOTERISM 

An amphoteric or amphiprotic compound is one which has the 
properties of both an acid and a base. Many oxides and hydroxides 
are amphoteric and ionize as acids and as bases. This is especially 
true of the hydroxides of the elements occupying positions near 
the middle of the periodic table (see page 115). Of special interest 
to us are the hydroxides of aluminum, chromium, zinc, antimony 
and tin. 

Aluminum hydroxide will be taken here as a typical example to 
illustrate the behavior of amphoteric hydroxides. The ionization 
of A1 (OH )3 as a base can be represented thus : 

^OH 

Al-OH^ A1+++ + 30H" 

^OH 

and as an acid; 

HO^ 

HO- Al H+ + AlOa” + H 2 O 
HO-^ 

jnelding H+ ion from its primary ionization, the mcta-aluminate ion, 
AIO 2 ", and H 2 O. In an aqueous solution of aluminum hydroxide 
[a very dilute one, since Al(OH )3 is very sparingly soluble in water] 
there exist aluminum and hydroxyl ions in equilibrium with hy- 
drogen and meta-aluminate ions. On the basis of this double 
equilibrium we can see why, on the one hand, Al(OH )3 will dissolve 
in acids to form aluminum salts and, on the other hand, why it will 
dissolve in bases to form aluminates. In the first case, the hy- 
droxyl ions coming from the ionization of A1 (011)3 are used up by 
the hydrogen ions from the acid, and this results in more solid 
being dissolved to restore equilibrium; the comparatively high 
hydrogen-ion concentration forces back the ionization of A1(0H)3 
as an acid. In the second case when an alkali such as NaOH is 
added to A1(0H)3 the hydrogen-ion concentration is lowered by 
neutralization and at the same time the ionization of A1(0H)3 as 
a base is repressed; to again restore equilibrium, more solid must 
dissolve and ionize. Thus in both cases final equilibrium is estab- 
lished when all the solid has dissolved. 
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The tendency for A1(0H)3 to ionize as a base is somewhat more 
marked than its tcndencj'^ to ionize as an acid; in other words, a 
saturated solution of aluminum hydroxide contains slightly more 
hydroxyl ions than hydrogen ions. With Zn(OH )2 the basic 
tendency is still more marked; with certain other amphoteric hy- 
droxides the acid tendency predominates. 

The Electronic Explanation of Amphoterism. A hydroxide, 
MOH, where il/ may be a single element or a radical, has two 
possible modes of ionization : it may form and OH“ or H+ and 
MO~ ions. The form that predominates is detc'rmined by the 
tendency of M to attract or give up electrons. This can be made 
clear in the following way : 

The molecule il/OH is held together by 2 el(K‘tron-pair bonds. 
Suppose first of all that M is H or some group which has the same 
attraction for electrons as H. 'riie 2 pairs of electrons will then 
be shared approximately equally; that is, they will be the same 
distance, call it a, from the O atom: 

a a 

m+TciIh- 

Next, if Af is some group which has a V(‘ry slight attraction for 
electrons, the electron pair on the left will be displaced toward the 
oxygen and if the displacement is .sufficnent an ionic bond is formed 
between M and O, that is, the compound con.sists of the ion 
and OH“. It may be noted ther that, since the 0 atom has but 
a limited ability to attract and hold eltictrons, if the pair on the 
left is mov(‘d closer to the O the pair on the i-ight must move farther 
away, i.e., closer to the H. This latter effect corresponds to a 
decrease in the tendency to liberate a hydrogcai ion, which may be 
one reason why we do not obstawe ionization into H+, and 
0“ ions. The following diagram illustrates the situation: 

a a 

M+folir 

The remaining possibility is that M may be some group which 
has a very strong attraction for electrons. In this case the elec- 
tron pair on the left will be displaced toward M and that on the 
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right toward O or away from H : 

a a 

-M fol H+ 

If this effect is sufficiently pronounced it means that the compound 
is ionized into H+ and MO” ions. 

Since the OH" ion is a base we may refer to ionization according 
to the first scheme as ionization as a base and a<*cording to the 
second scheme as ionization as an acid. 

The elements in Groups I and II of the periodic table (see page 
115 ) have a pronounced tendency to give up ele(;trons and therefore 
th(*ir hydroxides are ionized as bases; these elements form the 
strong alkali hydroxides, such as NaOH and KOH. Similarly, the 
elements of Groups VI and VII of the poiiodic table have a con- 
siderable tendency to attract (^l(M-trons. Tluax'foit', if M is a 
radical containing an ('lement of these groups the hydroxide, will 
be ionized as an acid; these elem<‘nts from the strong oxygen acids, 
such as SO2 (011)2 or H2SO4 and CIO3OH or IK JlO.i. 

But what of the elements of Groui)s 111 , IV and V? Most of 
these elements have no (h^cided tendency cither to i-ej^el or to at- 
tract electrons and therefore rarely, if ever, form simple ions. The 
hydroxides of most of thi'se ekanents, as would be expeeded, show 
no decided tendency to ionize eitlua- as acids or as bases and, in fact, 
show both kinds of ionization simidtaneously. If such hydroxides 
are in an acid environment the OH" will be remov('d by combina- 
tion with H+ anti the ionization as a base will bti favored ; similarly, 
in an alkaline environintint the ionization as an atrid is favored: 

MO" + H+ ^ il/OH + OH" 

il/OH + H+ ^ M+ + H2O (acid (;nvironment) 

MO" + H2O OH + il/OH (alkaline environment) 

Amphoterism is shown especially by the hydroxidas of the ele- 
ments of Groups III, IV and V of the periodic table; the hydroxides 
of N and P, however, are decidedly more acidic than basic in 
character. The most decidedly amphoteric elements are found 
near a line drawn diagonally from the upper left- to the lower 
right-hand corner of the periodic table in its u.sual form; tilements 
such as N and P which are not relatively near this line are not 
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likely to be appreciably amphoteric even though they may be in 
Group III, IV and V. 

As we go from top to bottom in a main group of the periodic 
table the size of the atoms increases and so the ability of the 
nucleus to hold electrons in the outermost orbit decreases; the 
ability to attract extra electrons to this orbit also decreases. This 
means that for any main group the basicity of the hydroxides will 
increase or — to say the same thing in another way — the acidity 
of the hydroxides will decrease in going from top to bottom in the 
table. Hence, considering the groups at the left in the table, 
the tendency to be amphoteric will be greatest for the elements at 
the top for the groups at the right the tendency will be greatest 
for the elements at the bottom. 

It must not be supposed that the hydroxides are the only com- 
pounds that exhibit amphoterism. As is to be expected from the 
analogous behavior of sulfur and oxygen compounds, the sulfides of 
many metals are also amphoteric. We can illustrate the similaiity 
in the following way : 

Antimony oxide is a typical amphoteric compound. This oxide 
is soluble in either strongly acid or alkaline solutions: 

SbaOa + 6 H+ -f SCI" 2SbCl4" + SHaO 

SbzOa + 20H~ 2Sb02’ + H 2 O 

The sulfide is likewise soluble in either acid or alkaline soultion : 

SbaSg + 6 H+ + 8 CI: 2SbCl4" + 3 H 2 S 

2Sb2S3 + 40H" 3SbS2“ + SbOz" + 2 H 2 O 

If instead of an alkali hydroxide an alkali sulfide, such as Na2S, is 
used, solution of Sb2S3 takes place in much the same way: 

S” -f- H 3 O+ SH- + H 2 O 
SbaSs + 2SH” -> 2SbS2 “+ H 2 S 

The amphoteric nature of hydroxides and sulfides is utilized in 
qualitative analysis to effect a number of separations. Of par- 
ticular importance is the separation of the Group II sulfides into 
two divisions and the separation of aluminum, chromium and zinc 
from iron and manganese in Group III. The student should refer 
to these sections of the systematic scheme and write the equations 
involved by analogy with those given for Sb2S3 and Al(OH)3. 
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others taking place in aqueous solutions, reach an equilibrium. 
How the equilibrium constants for such reactions are calculated 
and how relative oxidizing and reducing ability are measured will 
noAV be shown. 

The dissolving of a metal, i.e., passing from the solid (atomic) 
state to the ionic condition, is a simple case of oxidation, as for 
instance, in the case of zinc : 

Zn^ Zn++ + 2e 

the action being accompanied by the loss of 2 electrons for each 
ion formed. Conversely, when the ion of a metal gains electrons 
and is deposited in the metallic condition, the process is one of 
reduction, as in the case of the deposition of copper: 

Cu++ + 2e Cu» 


The formation of zinc ions, when a strip of zinc Is placed in water 
or in a dilute solution of a zinc salt, will leave the strip negatively 
charged and the solution positively charged. There is thus set up 
a difference of electrical potential at the contact of the metal and 
its solution. The value of the potential difference depends, among 
other factors, on the “ solution pressure ” of the metal to tend to 
drive atoms into solution and on the osmotic pressure to act in the 
opposite direction to force ions out of solution. Nernst has de- 
rived the following equation for this potential difference, E: 


E = 


0.059 

n 



in which C, the concentration of ions in the solution, is substituted 
for the osmotic pressure; /c is the so-called Nernst constant, sub- 
stituted for the solution pressure; n is the valence change, and 
0.059 a constant (here given for 25° C.). 

There is no dijrect way by which the value of E can be deter- 
mined but relative values can be obtained by making the strip of 
metal with its solution one of the electrodes of a voltaic cell, the 
other electrode being either a standard hydrogen or a standard 
calomel electrode. 

A standard or “ normal ” hydrogen electrode consists of a small 
strip of platinum coated with platinum black and joined to a wire 
encased in a glass tube. The tube is surrounded by another larger 
tube through which a stream of hydrogen is pa.ssed. This arrange- 



TABLE VIII 
Potential Series 


Equation for Half-Cell Reaction 


Half-Cell Potential 
in Volts 

K 


+ le 

-2.922 

Ba 

:?± Ba++ 

26 

-2.90 

Ca 

:^:±Ca++ 

26 

-2.87 

Na 


+ le 

-2.712 

Sr 

?:±Sr++ 

+ 26 

-2,89 

Mg 

4^Mg++ 

-f- 26 

-2.34 

A1 

;=± A1+++ 

-f" 36 

-1.67 

Mn 

;;±Mn++ 

+ 26 

-1.05 

Zn 

Zn++ 

-j- 26 

-0.7620 

Cr 

;?± Cr+++ 

4- 36 

-0.71 

S“ (basic) 


4“ 26 

-0.508 

Fe 

Fe++ 

4" 26 

-0.440 

Cd 

;:±Cd++ 

4“ 26 

-0.4020 

Co 

;=iCo++ 

4" 26 

-0.277 

Ni 

:^=iNi++ 

4” 26 

-0.250 

Sn 

^^n++ 

4" 26 

-0.136 

Pb 

;=iPb++ 

4" 26 

-0.126 

Fe 

?± Fe++-'- 

4" 36 

-0.036 

H 2 

?=i2H+ 

4" 26 

0.00 

S“ (acid) 


4" 26 

+0.141 

Sn++ 

Sn++++ 

4* 26 

+0.15 

Cu+ 

Cu++ 

4- 1^ 

+0.167 

H 2 O + Sb 

Si)0+ + 2H+ 

+ 36 

+0.212 

2 H 2 O + As 

;;r± Il'As02(aq.) + 3IC 

+ 36 

+0.2475 

H 2 O 4- B? 

BiO+ + 2H+ 

4* 36 

+0.32 

Cu 

-r± Cu++ 

4" 26 

+0.3448 

Fc(CN)6“'‘ 

;=±Fc(CN)4"''* 

+ le 

+0.36 

40H' 

^=i O 2 4 2 H 2 O 

4- 46 

+0.401 

Cu 

;=±Cu+ 

4- le 

+0.522 

21" 


4” 26 

+0.5345 

IIASO 2 + 2 H 2 O 

> ^ H 3 ASO 4 + 2II+ 

4“ 26 

+0.559 

Mn02 + 4011" 

Mn04" 4- 2 H 2 O 

+ 36 

+0.58 

Fe++ 

Fe+^ + 

+ le 

+0.771 

2Hg 

Hg2++ 

4* 26 

+0.7986 

Ag 

^Ag+ 

4- le 

+0.7995 

Hg 

:^Hg++ 

+ 2e 

+0.854 

Hg2++ 

;=± 2Hg++ 

-|- 26 

+0.910 

NO + 2 H 2 O 

NO 3 " 4- 4H+ 

4“ 36 

+0.96 

2Br~ 

^ Br2 

4~ 26 

+1.0652 

Au+ 

;=i Au+++ 

4“ 26 

+1.3 

2C1" 

;=±Cl2 

4" 26 

+1.3583 

2Cr+++ + 7 H 2 O Cr 207 - + 14H+ 

+ 66 

+1.36 

Au 

Au+++ 

4" 36 

+1.42 

Mn++ + 4 H 2 O 

^ Mn04" 4- 8H+ 

4-56 

+1.62 
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merit is placed in a vessel containing acid whose concentration of 
H+ ions is exactly 1 . Such an electrode is arbitrarily assigned a 
potential of zero. 

If then a zinc electrode is joined, by an external circuit through a 
voltmeter or potentiometer, to a hydrogen electrode and the two 
solutions are connected by means of a tube containing a conducting 
salt solution, the voltage indicated on the instrument will be the 
difference between that of the zinc electrode and that of the hydro- 
gen electrode. Since the standard hydrogen electrode potential 
has been taken as 0, that of the zinc electrode will be the value 
indicated. In this way it has been found that for a zinc electrode, 
when the concentration of zinc ions is exactly molar, the potential 
is —0.76 volt. Similarly, for a copper electrode, the molar 
potential is -1-0.34 volt. Values for practically all the metallic 
(dements have in this way been determined. When arranged in 
order, they constitute the familiar potential series or electromotive 
series of metals. The more common metals are incorporated in 
Table VIII. 

The electrode potential is a measure of the ease with which the 
metal is converted from the atomic to the ionic state. The higher 
the position of the metal in the series, the more readily it becomcis 
oxidized; the reducing action of the metal decreases as we go down 
through the series. Sinc(^, for example, frpm tin? rcilative positions 
of zinc and copper in the .scries, zinc is more easily oxidized than 
copper, a piece of metallic zinc placed in a .solution of a cupric salt 
will reduce the C^u^^ ions to metallic copper, the zinc going into 
solution as Zn++ ions and depositing the copper. For the same 
reason aluminum will (Uiposit antimony, and iron will reduce 
stannic ions. There are many important applications of this kind 
in analytical chemistry. 

Calculation of Equilibrium Constant. In the replacement ot 
copper by zinc, the reaction is: 

Zn” -f- Cu^^ Zn++ -|- Cu® ■ 

Applying the Law of Chemical Equilibrium to this reaction, the 
equilibrium equation becomes : 

Czn** X CcuB _ 

C'cu++ X CznO 

and equilibrium is reached when the value of if is satisfied. Since 
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the factors Ccu# and Czno represent the solid, metallic condition, 
they may be considered constant quantities and the above equa- 
tion becomes simply; 


C'zn-<-+ 

Ccu++ 


= K 


(equilibrium constant) 


This means that when the concentration of zinc ions bears a certain 
ratio to that of the copper ions, the reaction will have reached 
equilibrium. The equilibrium ratio, i.e., the equilibrium constant 
K, for this reaction is calculated from electrochemical considera- 
tions, using electrode potentials and ajiplying the Nernst equation. 

If the strip of zinc is immersed in a solution of a zinc salt and is 
made one electrode of a voltaic cell, and a strip of copper dipping 
into a copper salt solution is made the other electrode, and if the two 
electrodes are joined externally through a voltmeter and internally 
by a conducting salt solution, as a result of the passage of electrons 
from the zinc electrode, electric current will flow through the in- 
strument to the copper electrode. The current will cease when the 
system has come to eciuilibrium ; this will occur when the electrode 
potential of the zinc equals that of the copper. 

The Nernst equation: 


E = 


0.059 


n 



may be expanded into the form : 


E = 


0.059 

n 


logi + 


0.059 

n 


logC 


When the concentration is molar, C = 1, and the molar potential 
Eq is given by (0.059/n log 1/A:). From this the potential of the 
electrode for any concentration may be expressed by the equation : 


E = Eq ~\- 


0.059 

n 


log C 


In the case of the zinc electrode: 


■®(iino) -^©(zino) ”1” 

and for the copper electrode: 

^'(oopper) “ ■^©(copper) "b 


0.059 


2 

0.059 


log Czn++ 
log Ccu++ 
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At equilibrium, when £(«no) is equal to £'(copper)» 

0.059 0.059 

*^ 0 (zinc) I ^ log -^OCcopper) H ^Og 0/0^++ 


From Table VIII: 

-0.76 + 0.0295 log Czn*. = 0.34 + 0.0295 log Ccu*^ 

1.10 = 0.0295 (log Czn-- - log Ccu-) 

log^ „ 37.3 


Czn** 


= 1 X 10®^-^ or 2 X 10®^ 


.\K = 2X 10^^ 


Therefore, K, the ratio of the Zn++ ion concentration to that of 
the Cu++ ion concentration is 2 X 10^^. This means that when 
equilibrium is reached in the reaction in which zinc ions displace 
copper ions, the concentration of Zn++ is enormous, and the concen- 
tration of Cu''‘+ remaining in solution is negligible; for practical 
purposes the removal of cupric ions is complete. 

When a non-metallic element, such as sulfur or chlorine, dis- 
solves, negatively charged ions (anions) are formed, and the process 
is one of reduction. In the case of chlorine, for example, the re- 
action is: 

Qg® + 2e 201“ 

The Nernst equation for non-metallic electrodes takes the form: 


E = - 


0.059 , 

log 

n 


anion 

k 


Since, however, Canion, the concentration of the ion, is dependent 
upon the solubility of the gas, the equation is transformed into 


„ 0.059 , 

E = log 


^Cli 


n - (Cci-)^ X k 
and the molar electrode potential is given by : 

fi<a. = «o,a) + ^ log 


2 
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Eq for chlorine has been found to be +1.3583 volts. The corre- 
sponding value of Eo for iodine is +0.5345 volt. (See Table VIII ) 
The values show chlorine to be a strongoi- oxidizing agent than 
iodine and the iodide ion a stronger reducing agent than the chloride 
ion. Chlorine therefore will oxidize iodides, in accordance with the 
equation : 

CI 2 + 21 ^2Cr + I 2 


The equilibrium constant of this reaction is expre.ssed by the 
equation : 

(^ci-)^ X Cl; 

X Ccu ^ 


Applying the same electrochemical method as used in dc'termin- 
ing the Zn+VCu'*"'' ratio, when equilibrium is reached, a cell con- 
sisting of a chlorine electrode joined with an iodine electrode will 
show equilibrium when the potentials of the two ('U'ctrodes are 
equal. We have then: 


■^’o(Ci) + 


0.059 , 

~2“ 


(Cci-f 


r. , 0.059 , 

= -^0(1) 4 log 


Cu 


0.059 

2 



Cli , \ 

(Ci-f * (Ca-)V 


1 .3,583 - 0.5345 


{Ci-fC 


27.90 


. log K = 27.90 

K = IX 10^7 or 7.9 X lO^^ 


The value of K shows that the reaction runs V(n*y far to completion. 

Equilibrium in other Oxidizing-Reducing Systems. With ele- 
ments which exist in two different ionic forms such as, for example, 
the reversible change for the oxidation of ferrous ions and reduc- 
tion of ferric ions: 

Fe+''' Fe+++ + le 

and with the more complex relationships, as in the oxidation of 
manganous ion and reduction of the Mn 04 " ion in an acidic solu- 
tion: 

Mn++ ^ Mn 04 " + 8H+ + 5e 

the molar potentials can be determined and the ions arranged into 
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similar series. The more important ones for which data exist art* 
given in Table VIII. 

Equilibrium constants for any interaction between an oxidizing 
substance and a reducing substance can be calculated from elec- 
trochemical data. For the reaction: 

lOFeSO^ -f 2KMn04 -h 8H2SO4 

= 5 Fe 2 (804)3 + 2 MnS 04 + 8H2O -f- K2SO4 

' rewritten in ionic form : 

5Fe++ + Mn04“ -\- 8H+ 5Fe+++ + Mn++ -|- 4H2O 

the eciuilibrium constant is expressed by 

X ^ 

(Ope+t)"* X OMnOr X (Cn+)** 

By combining th(i iiotentials for the Fe++ — Fe+++ and Mn++ — 
Mn04'’ half-cells the value of the constant can be found. In this 
way one can calculate whether any particular oxidation-reduction 
reaction will take place and, if it does, how near to completion it 
will go before equilibrium is attained. 

REVIEW EXERCISES — SET 9 

1. What is Ji half-cell? A .salt bridge? A standard hydrogen oletdrode? 

2. Calculate the equilibrium constant for tlie displacement of Ag by Pb. 

3. Will metallic iron reduce stannic ions to the stannous condition? An- 
swer by reference to Table VIII. 

4. Magnesium is above aluminum in the table. Why does aluminum 
not plate out when a .strip of magne.sium is placc'd in a solution of an aluminum 
compound? 

6. What potential would be developed at by a cell consisting of a molal 
Mg half-cell and a molal Pb half-cell? 

6. Apply Nernst’s equation to two half-cells made up of the same electrode 
material and containing the same electrolyte, but at two different concentra- 
tions. Combine the two equations and thus obtain the expre8.sion for the 
potential of a concentration cell. 

7 . Apply the result of question 6 to two Zn — ZnS 04 half-cells, one con- 
taining 1 molal ZnS 04 and the other 0. 1 molal ZnS 04 . What is the potential 
of the combination? What is the electrode reaction in each half-cell? When 
will equilibrium be attained? 

8. If you wish to prepare CI 2 by oxidizing HCl, is KMn 04 or K 2 Cr 207 the 
better oxidizing agent? Answer by reference to Table VIII. 

9. Why is CI 2 liberated instead of O 2 when a solution of NaCl is electro- 
lyzed? 
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10. Suppose that you had a solution containing Au"'"'"'’, Ag+, Cu'*’''’, and 
Cd'*"''. How would you proceed to separate them electrolytically? 

11. Find the equilibrium constant for the reaction between I" and Br 2 . 

12. If you wished to use HjS as a reducing agent would it be more effective 
to have the solution acid or basic? 



PART II 

THE REACTIONS OF THE CATIONS 


GENERAL INSTRUCTIONS CONCERNING 
LABORATORY WORK 

Upon being assigned a locker, check over the equipment con- 
tained therein and examine each piece carefully for imperfections, 
such as scratches, cracks, excessivt; ’etching aiul especially note 
any missing items from the lists of permanent and non-returnable 
apparatus supplied. • 

Procure a supply of concentrated HCl, HNO3, II2SO4 and 
ammonia, for individual use, and place these reagents in labeled 
250-ml. bottles, unless some other provision has been made for 
dispensing them. 

Cleaning Solution. It is important that all apparatus bo clean 
at all times. Soap solution or sodium phosphate is usually used 
for this purpose. Dichromate cleaning solution is somedimt's 
recommended in place of the other two. In order that this clcans(‘r 
be sufficiently cool before the close of the laboratory period, it is 
imperative that its preparation be attended to without fuilher 
delay. 

The dichromate cleaner is made as follows: Dissolve 50 grams 
of commercial Na2Cr207 in 150 ml. of warm water. Cool and 
add slowly, with constant stirring, 230 ml. of commercial 112804. 
The mixing is best done in a large evaporating dish. When thor- 
oughly cool, at the close of the laboratory i)eriod, transfer to a 
500-ml. wide-mouthed bottle and use as required. This cleaning 
mixture can be used repeatedly as long as it remains red and thick. 

To use this cleaning agent, pour enough into the apparatus to 
coat the inside walls with the red precipitate, returning the excess 
to the bottle, and allow the vessel to .stand for some time. Rinse 
first with tap water, then with a small quantity of distilled water; 
place upside down and allow to drain onto a clean towel spread on 
the desk or in the locker. 
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Always rinse apparatus with distilled water immediately before 
use. Use distilled water sparingly. 

Wash Bottle. A wash bottle should next be made. This is 
made from a 50Q-ml. Florence flask according to the directions 
given by the instructor. The nozzle should be attached to the 
outlet tube by a piece of rubber tubing so that it can be manipu- 
lated by the hand and the stream of water directed in the desired 
direction. 

Two stirring rods are to be made, from gla.ss rods 6 inches long, 
by fire-polishing both ends. 

A platinum wire is to be sealed into a 6-inch length of glass 
tubing. 

Preparation of Locker Reagents. Dilute solutions of HCl, 
H2SO4, HNO3 and ammonia are to be prepared by the student 
and kept his locker. These reagents are made by diluting the 
“ concentrated ” reagents with distilled water. The correct 
amount of water must be computed from the specific gravity and 
the percentage by weight of the original and final solution accord- 
ing to the method given in Part I, page 23, where examples of 
dilution calculations are given. 

GENERAL RULES OF LABORATORY TECHNIQUE 

Some general rules in regard to the operations involved in the 
experimental or laboratory work of this course can be stated at 
the outset. These rules must be adhered to and diligently followed 
if correct technique is to be acquired and the results, especially of 
the analysis of samples, are to be successful. 

Cleanliness. Do not allow pools of water to collect on the desk 
top; use a sponge and towel freely. Never allow filtrate from a 
funnel to drop onto the base of the filter stand; provide a receptacle 
to catch the filtrate. If an accident occurs which results in 
broken apparatus and spilled solutions, clean up the wreckage and 
cheerfully begin the analysis over again. 

Never put apparatus away in a dirty condition. Solutions set 
aside for subsequent analysis should always be placed in stop- 
pered, properly labeled flasks. Have a definite place in the 
locker for each piece of apparatus; keep the ironware sepa- 
rate from the glassware. Sponge off the desk before leaving the 
laboratory. 
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Reagents. The reagents and test solutions required are made 
according to directions given in the Appendix (pages 323-325). 
They should not be carried from the reagent shelves ;^transfer the 
amount needed to a beaker or test tube. Do not allow the reagents 
to become contaminated; if by mistake they become so, discard the 
entire contents of the bottle, so that the work of others in the 
laboratorj’’ will not be rendered worthless by use of impure re- 
agents. This rule applies to the solid reagents as well as the 
liquids. Never use more reagent than necessary to produce the 
desired result; too much is often worse than not enough. When] 
freshly prepared reagents are called for make only sufficient foi| 
the immediate needs. 

Precipitation. Most of the separations required in the courses 
of an analysis arc made by first forming a precipitate through the 
action of a reagent. The proper technique here is to add the 
reagent slowly, stirring constantly, until it is judged that pre- 
cipitation is nearly complete and then to add more reagent droj)- 
wise. Complete precipitation can be ascertained by allowing the 
precipitate to .settle and then adding a few drops of reagent to th<' 
supernatant liquid; or if the precipitate remains suspended, pour 
some of the solution through a filter and tost the filtrate with th<' 
reagent. Continue addition of reagent to the main solution until 
tests show that precipitation is complete. A slight cxce.ss of 
precipitating agent should be used unless otherwise directed but 
too large an excess is harmful. 

Precipitations arc be.st made in hot solutions. In some ca.ses 
it is necessary to allow the precipitate to remain in contact with 
the hot solution in order to bring about complete reaction or to 
produce larger particles of the precipitate. This proce.ss is called 
(‘ailed digestion. 

Residues are the solid portions remaining after the action of a 
dissolving or extracting agent; precipitates are the solids formed 
by ionic reactions. 

Colloidal Precipitates. Certain types of precipitates have the 
tendency to remain finely divided. The particles are of colloidal 
size and give much trouble by remaining suspended and by passing 
through the pores of ordinary filters. This trouble can be avoided 
to a certain extent by adding electrolytes which will coagulate the 
colloidal particles into larger aggregates. Ammonium salts, such 
as NH 4 NO 3 , are frequently added to overcome colloid formation. 
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In some cases digestion is helpful in overcoming this difficulty. 
Colloidal precipitates and sols have been discussed on page 74. 

Filtration. Precipitates and residues must be completely freed 
from their solutions by filtering and washing. A good quality of 
filter paper should be used. The paper should be folded twice, 
fitted snugly in the cone of the glass funnel and a small volume of 
water poured through. If the water does not filter rapidly and 
uniformly, use a new paper. In filtering a solution touch the stem 
of the funnel against the side of the receiving vessel; this will give 
more rapid filtration. Pour the liquid down a stirring rod placed 
against the lip of the beaker to prevent spattering. Pour off as 
much of the liquid as possible, add a little wash water to the solid, 
decant again and finally transfer the entire solid to the filter by 
partly inverting the beaker and directing a stream of water from 
a wash bottle onto the solid, thereby flushing it down the stirring 
rod and into the filter. 

Washing. If the precipitate is of such a nature that it settles 
rapidly, several repeated additions of wash water can be made 
before the solid is finally transferred to the filter. This method is 
known as washing by decantation and should be used whenever 
possible. In other cases all the washing must be done on the filter. 
The best technique is to use several small portions of wash water, 
allowing the funnel to drain completely after each addition. Never 
use more wash liquid than necessary, because all precipitates are 
soluble to some extent and, moreover, if the volume of filtrate 
becomes too large, the excess must later be removed by evapora- 
tion. Always test for complete extraction. To do this, filter into 
a test tube a few milliliters of the liquid draining from the funnel 
when washing is thought complete and apply the proper reagent 
which will give a test for the substance being extracted from the 
residue. If the test is negative, extraction is complete. 

When the filtrate comes through turbid, indicating a colloidal 
solution, the difficulty can usually be overcome by resorting to one 
of the following devices: ( 1 ) refiltering; ( 2 ) use of a double filter 
paper; (3) use of a filter paper of finer porosity; (4) digestion; 
(5) addition of NH 4 NO 3 or other electrolyte to the wash water. 

To lessen the solubility of a precipitate in pure water, a small 
quantity of the precipitating reagent is sometimes added to the 
wash water. This is another application of the common-ion 
principle. 
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Evaporation of Liquids. When it becomes necessary to reduce 
the volume of a solution, or to take it down to dryness, this is best 
done by heating in an evaporating dish or casserole over the water 
bath. The hot plate or free flame may be used, but care must be 
taken to prevent spattering and loss of solid residue during the 
expulsion of the last of the water. 

It frequently becomes necessary to remove excess of strong acids 
from solutions or to replace one acid by another. The first result 
can be accompanied either by neutralization with a base or by 
evaporation. If the addition of the base to the solution is objec- 
tionable the acid must be removed by evaporating to dryness. 
Thus, for example, if it is desired to remove excess of hydrochloric 
acid from a solution, the solution is heated and steam and HCl are 
evolved in such proportions as to leave a 20.2 per cent solution of 
hydrochloric acid which has a constant boiling point of 110° C. 
This mixture upon further heating will not change its composition 
but can be evaporated and completely expelled at this tempera- 
ture. The behavior of nitric acid is similar, the constant boiling 
mixture having a composition of about 08 per cent HNO3 and 
boiling at 120° C. Sulfuric acid boils at a much higher tempera- 
ture, the constant boiling mixture being reached at about 300° C. 
and consisting of about 98 per cent H2SO4. Phosphoric acid is 
even less volatile than sulfuric acid. The removal of HCl, HNO3 
and H2SO4 can therefore be effected by evajjorating the constant 
boiling mixture to dryness, taking care, however, to prevent loss 
of residue by spattering. 

To replace hydrochloric acid by nitric acid, that is, to change 
a solution containing chloride ions to one containing nitrate ions, 
add nitric acid and evaporate. The nitric acid decomposes the 
hydrochloric acid according to the reaction : 

HNO3 + 3HC1 = CI2 + NOCl + 2H2O 

l 

By repeating the addition of nitric acid and evaporating nearly to 
dryness, all of the hydrochloric acid will be decomposed and will 
leave the desired nitrate ions in solution. In a similar way, the 
change from nitrate to chloride is effected by adding hydrochloric 
acid in excess and evaporating one or more times. 

To replace both nitric and hydrochloric acid by sulfuric acid, 
add concentrated H2SO4 and heat until dense white fumes of SO3 
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are evolved; this will not occur until all of the hydrochloric and 
nitric acid is volatilized. This is known as fuming down. 

Notebook.* A notebook of convenient size, in which all labor- 
atory records are to be kept, should be provided. The record 
should include: (1) the results of the preliminary experiments, 
including the writing of equations for the reactions studied, the 
character of the precipitates or oth(‘r products obtained and other 
notes bearing on the experiment being performed; (2) notes kept 
during the analysis of samples, covering the effect of reagents used, 
the results of each stop involved, etc. In all records indicate 
precipitates and residues by underlining the formulas, and gases 

by ovcrscoring. 

THE OROUPINO OF THE ELEMENT 

The Periodic Arrangement of the Elements. The selection of 
suitable reactions for carrying out the necessary separations and 
identifying tests involved in qualitative analysis is based on the 
l)ropertios of the elements concerned. An arrangement of the 
chemical elements into groups according to the variation of their 
properties with their atomic weights is given by the periodic; table 
of the elements, page 115. Such a table is here reproduced to 
refresh the student’s memory and place before him the elements 
to be studied. According to the periodic arrangement the ele- 
ments toward the left of the table are the basic elements, which 
form the typical hydroxides; they are metallic in character and 
when in solution are free positive ions. The elements occupying 
the middle columns arc less basic in character and may even show 
acidic properties; these are the typically amphoteric elements. 
To the right of the table are the elements showing strongly acid 
properties, which form the strong acids and in solution exist as 
anions. There are, of course, many exceptions to the general way 
in which the compounds of these elements ionize with respect to 
their position in the table. 

( Catioiis.^ The elements studied in this course are printed in 
bold-fjice type in the table. Those which ionize as cations and 
are studied in the schemes for cation analysis are the following, 
listed from their positions in the periodic table: 

* A Laboratory Record Book has been prepared by the author and is pub- 
lished by John Wiley & Sons, Inc. 
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The atomic weight followTi the symbol; only those elements included in the International Table are shown. 
The elements in bold-face type are considered in the schemes of analysis. 

^ Fourteen other rare-earth metals occupy this same position. 
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The alkali metals, sodium (Na+); potassium (K^ ). 

Copper in cupric salts (Cu++); silver (Ag+). 

The alkaline earth metals, magnesium (Mg++) ; calcium (Ca++); strontium 
(SrH"); baritun (Ba++). 

Zinc (Zn"*"*"); cadmium (Cd+'*'); mercury in mercurous salts (Hg2+‘*") and 
in mercuric salts (Hg++). 

Aluminum (A1+++). 

Lead (Pb++); tin in stannous salts (Sn++) and in stannic salts (Sn+++’^•l. 

Arsenic in arsenious salts (As+++ and AsOj”) and in arsenic salts (As Ilf +•(■, 
and As 04“) antimony (Sb+++ and Sb+++++); bismuth (Bi+++). 

Nitrogen in the form of the ammonium radical (NH4+). 

Chromitun ip chromic salts (Cr+++). 

Manganese in manganous salts (Mn++). 

Iron in ferrous salts (Fe++) and in ferric salts (Fe+++); nickel (Ni++); 
and cobalt (Co++). 

Anions. The elements which are considered under Anion 
Analysis in the form of their acid radicals are: 

The halogens, fluorine, chlorine, bromine and iodine in fluorides (F“); 
chlorides (Cl~ and chlorates, CIOs”); bromides (Br”); iodides (I“). 

Sulfur in the form of sulfides (S“); sulfites (SOs”); thiosulfates (SaOs”"); 
and sulfates (SO 4''). 

Chromium in chromates (Cr04“) and in dichromates (CraOy”). 

Nitrogen in nitrites (N02~) and in nitrates (NOs”). 

Phosphorus in phosphates (P04“). ^ 

Arsenic in arsenites (AsOu”) and in arsenates (As04^). 

Carbon in carbonates (COs”) and in the organic radicals; viz., oxalates 
(C204'“), acetates (C2H302~) and tartrates (C4H406'“). 

Silicon in silicates (SiOs^). 

Boron (B407“, BO2”, BOs^). _ 

To this list are added the cyanogen radicals: thiocyanates (CNS”), ferri- 
cyanides [Fe(CN)6“J, ferrocyanides [Fe(CN)6“’'"], and cyanides (CN~). 

THE ANALYTICAL GROUPING OF THE CATIONS 

Although the periodic table is a very useful arrangement of the 
elements and in many respects a most valuable guide in analytical 
chemistry, its application to the qualitative schemes is somewhat 
limited. For the purposes of qualitative analysis the cations and 
anions are arranged according to their behavior toward certain 
specific reagents used under carefully regulated conditions. The 
grouping of the cations into five groups is worked out in the fol- 
lowing set of experiments. The analytical grouping of the anions 
is given in Part HI. 

The test solutions of the cations are of known strength and are 
made up so that each milliliter of each test solution contains 10 
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milligrams of the cation. A table of these test solutions is given 
in the Appendix, page 328 . The nitrates of the metals have been 
used whenever possible because all nitrates are soluble in water 
and thus certain troublesome interferences with anions are avoided 
during the analysis of the cations. 

Experiment 1, Take about 2 ml. of each of the test solutions, 
place in separate test tubes and add a few drops of dilute HCl to 
each tube. Precipitates of AgCl, Hg2Cl2 and PbCl2 will form in the 
solutions containing silver, mercurous mercury arid lead ions. 
Write the ionic equations taking place and make a note of the color 
and appearance of the precipitates formed. The oliher solutions 
will be unaffected by the reagent. The cations Ag+, Hg 2 '*’''‘, and 
Pb++ therefore constitute Group I, known as the hydrochloric 
acid group or the silver group. Save the acidified solutions with 
the exception of silver and mercury for the following experiments. 

Experiment 2. Into each of the test solutions [with the excep- 
tion of AgNOa and Hg2(N03)2], acidified with HCl from the fore- 
going experiment, pass a 'stream of H2S gas. Sulfides, namely, 
HgS, PbS, BiaSs, CuS, CdS, AS2S3, Sb2S3 and SnS, will be pre- 
ripitated by the sulfide ion, S“, in the presence of HCl, from the 
solutions containing Hg++, Pb++, Bi+++, Cu++, Cd++, As+++, Sb+++ 
and Sn++. The last three elements, if present in their higher states 
af oxidation as pentavalent arsenic, pentavalent antimony and tetra- 
i^alent (stannic) tin, will be precipitated as AS2S5, Sb2S5, and SnS2. 
The above cations therefore constitute Group II, called the hy- 
Irogen sulfide group or the copper and tin group. Lead is in- 
duded in this group because PbCl2 is not completely precipitated 
3y HCl in Group I. The element mercury when in the mercurous 
rirm will precipitate as the insoluble mercurous chloride (in Group I ) 
aut when in the mercuric form it will be precipitated as mercuric 
mlfide in this group. Hence mercury will be found in either group, 
iepending on its state of oxidation. Make a notebook record of 
3olor and other characteristics of the above sulfides and write the 
onic equations for the reactions taking place. 

Experiment 3 . .^d a few crystals of NH4CI to the test solu- 
:.ions which remained unaffected by the above treatment; then add 
lilute NH4OH to make them distinctly ammoniacal. The HaS af- 
■eady present in the solutions will form (NH4)2S and will precipi- 
tate Co''^, Ni++, Fe+++, Mn++ and Zxi^ as CoS, NiS, FeaSa, MnS 
and ZnS, and A1+++ and Cr+++ as Al(OH)3 and Cr(OH)3. These 
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DIAGRAMMATIC GROUPING OF THE CATIONS 
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cations, therefore, which precipitate as sulfides and hydroxides in 
ammoniacal solutions containing a high concentration of S" ions 
make up Group III. This is the ammonium sulfide group or the 
iron and alixminum group, kecord the results in your notebook, 
together with the equations for the reactions. 

Experiment 4. Boil off the H 2 S from th'P remaining tpst so- 
lutions and add (NH 4 ) 2 C 03 reagent. Ba"*"^, Sr++, Cap' ions will 
be precipitated as BaCOs, SrCOg and GaCOs. These comprise 
'SroupllV, the ammonium carbonate grou p or the alkaline earth 
group.; 
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The remaining tCvSt solutions, namely Mg++, K+, Na'*’ and NH 4 +, 
which have not been precipitated by the preceding group reagents, 
are grouped together and called the soluble cation group or some- 
times the alkali group (Group V). 

Majgngsium ions have been hindered from precipitating through 
the addition of NH4CI in Groups III and IV. The ammonium ion 
in the systematic analysis must be tested for in a portion of the 
original sample. It is included in this group because in its reac- 
tions and properties it resembles potassium. 

This separation into analytical groups is shown in schematic 
form on page 1 18. Such diagrammatic schemes are used throughout 
the book to summarize briefly the procedures followed. In thes(i 
schemes precipitates are indicated by underscoring and gases by 
overscoring. Test substances in solution are as a rule indicated 
as ions. 

THE HYDROCHLORIC ACID GROUP — GROUP I 

SILVER, Ag+ 

MERCURY, Hg2++ 

LEAD, Pb++ 

In a systematic separation of the cations into analytical groups, 
the finst precipitating reagent used is hydrochloric* acid, whicih 
precipitates AgCl, ng 2 Cl 2 and PbCl 2 . »These three chlorides are 
the only ones which are in.soluble in cold water and dilute HCl. 
If, therefore, dilute HCl is added to a solution of metallic ions, the 
three chloricles, AgCl, Hg 2 Cl 2 and PbCU, will be precipitated and 
all other cations will remain in solution. Owing to the appreciable 
solubility of PbCU, some lead will escape precipitation and conse- 
quently this ion is also included as a member of the next group. 

The following preliminary experiments, by which the separation 
and identification of these three ions are carried out, are based on 
their properties. The.se analytical properties must be thoroughly 
understood and the experimental results cqrrectly interpreted 
before an intelligent analysis can be made. 

SILVER, Ag+ 

Silver is a monovalent element. The oxide, Ag 20 , is formed 
rather than the hydroxide, when a silver solution is treated with 
NaOHor KOH; 

2Ag+ + 20H = Ag20 + H 2 O 
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Ammonium hydroxide likewise produces the oxide, which is soluble 
in an excess of ammonia: 

Ag20 + 4 NH 3 +‘H20 = 2Ag(NH3)2+ + 20H' 

forming the complex diammono-silver ion. 

Most of the salts of silver are insoluble in water. The nitrate 
and fluoride and, to a certain extent, the nitrite, sulfate, chlorate 
and acetate are water-soluble. Silver nitrate is a widely used 
reagent, frequently employed in analytical procedures as, for 
example, in the precipitation of anions. 

Silver chloride is precipitated as a curdy white solid when 
hydrochloric acid or any soluble chloride is added to a solution 
containing Ag+. The equation is: 

Ag+ -f- Cr = AgCl 

Sunlight will cause silver chloride to darken. AgCl is insoluble 
in dilute acids but somewhat .soluble in concentrated HCl. It is 
soluble in ammonia solution, forming the complex ion, Ag(NH3)2"''. 
The equation for the reaction is: 

AgCl -h 2NH3 = Ag(NH3)2+ -f Cr 

If a solution containing the complex ion is neutralized with 
dilute HNO 3 , AgCl reprecipitates: 

Ag(NH3)2+ + cr + 2H+ = -b 2NH4+ 

The reprecipitation of AgCl from such an ammoniacal solution 
constitutes the test for silver. 

AgCl is also soluble in potassium cyanide and in sodium thio- 
sulfate solutions and is transformed into Ag2S by ammonium 
polysulfide. With KCN, complex silver cyanide ions form: 

AgCl + 2CN" = Ag(CN)2~ + cr 

With Na2S203, the “ hypo " of the photographer, complex silver 
thiosulfate ions are produced. The reaction is probably : 

2AgCl "b 3S2O3” = Ag2 (8203)3“” “b 2C1 

Silver bromide is somewhat more insoluble in water and in 
ammonia than AgCl. Silver iodide is still more insoluble in water 
than the other two halides and completely insoluble in ammonia. 
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This relationship will later be utilized in the detection of the 
chloride, bromide and iodide ion. 

Hydrogen sulfide precipitates black silver sulfide, Ag2S, from 
solutions of Ag+. Since H2S is the precipitating agent for 
Group II and indirectly also for Group III, it is important that 
silver be precipitated as completely as possible as AgCl in Group 
I. Ag2S is insoluble in HCl but dissolves in hot HNO3. 

Ammonium carbonate, the reagent used in precipitating the 
alkaline earth elements which constitute Group IV, will precipi- 
tate Ag20. 


PRELIMINARY EXPERIMENTS 

Note: Instructions for carrying out experiments with test solu- 
tions of the cations and anions studied in this book are given under 
the heading “ Preliminary Experiments.” These experiments 
form the basis for the separation and identification of the ion in 
(luestion. Record in your notebook a description of the products 
formed in all experiments performed, answer all questions and 
write balanced equations for all reactions. 

1. Precipitation of Silver Chloride. To 5 ml. of the AgNOa 
test solution add dilute HCl dropwisc until a pre(‘ipitate no longer 
forms. Write the ionic equation for the reaction that takes place. 
Reserve the precipitate for fuiTher > experimemts. Determine 
whether NaCl and NH4CI produce the same pi(K'ipitate. Why is 
HCl used rather than NH4CI? 

Allow the precipitated AgCl to settle and pour off and discard 
the sunernatant liquid. Add a few milliliters of water to the AgC’l 
and heat the mixture. Does the preci})itate appear to dissolve to 
any appreciable extent in hot water? This property of AgCl is 
used to separate AgCl (and mercurous chloride) from PbCl2 (the 
latter salt is soluble in hot water). 

2. Reaction of AgCl with NH 4 OH. Decant the hot water and 
gradually add to the AgCl a dilute solution, of NH4OH. What 
happens? Explain the re.sult. Write the reaction for the dissolv- 
ing of AgCl in NH3. This property of AgCl is used to separate 
silver chloride from mercurous chloride. The latter reacts in an 
entirely different way with this reagent. 

3. Reprecipitation of AgCl and Test for Silver. Gradually add 
dilute HNO3 to the test tube containing the Ag(NH3)2‘'’ until the 
solution is acid, stirring the .solution and withdrawing a drop from 
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time to time with a glass rod and touching it to a piece of blue or 
neutral litmus paper. What happens when the solution is ren- 
dered acid? Give the equation. 

MERCUROUS MERCURY, Hg2++ 

The element mercury forms two scries of compounds, namely, 
the mercurous, such as the oxide, Hg20, the chloride and the 
nitrate, in which the clement is monovalent, and the mercuric, in 
which mercury is divalent. In mercurous salts, the element is 
present in the form of the divalent group, Hg — Hg, wuitten Hg2''"^, 
rather than as a single monovalent (iharged atom, Hg+. In 
mercuric salts mercury is present as the divalent mercuric ion, 
Hg++. 

Mercurous chloride, Hg2C’l2 (calomel), is insoluble in water 
and dilute HCl; on the other hand, mercuric chloride, HgCl2 
(corrosive sublimate), is soluble in water and dilute acids. For 
this reason, the mercurous ion belongs in this analytical group and 
the mercuric ion is a member of the following group. 

When a solution containing the mercurous ion, such as the test 
solution of IIg2(N03)2 is treated with a soluble chloride such as 
HCJl or NH4CI, insoluble, white Hg2Cl2, is formed: 

Hg2++ + 2Cr = Ug2C\2 

This salt is insoluble, like AgCl, in hot water. It reacts with 
NH4OH to produce a mixture of black, metallic mercury and 
white, mercuric amido chloride, HgNH2Cl. This is an internal 
redox reaction ; one atom of mercurous mercury is reduced to Hg 
and the other is oxidized to the mercuric state. The equation is 
developed on page 133 ; in final form it is : 

Hg2Cl2 + 2NH4+ + 20 H“ = 

HgNHgCl + Hg + 2H2O -f NH4+ + Cr 

Metallic mercury, when acted upon by aqua regia, forms the 
weakly ionized salt, mercuric chloride, HgCl2. The equation, 
balanced in detail on page 133 , is: 

3 Hg -j- 8H"^ -f- 2NO3 -)- 6 C 1 == 3HgCl2 -F 2 NO -1- 4H2O 

Aqua regia also dissolves mercuric amido chloride, likewise 
with the formation of HgCla; the other products of the reaction 
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are NO, nitrogen and water. The reaction (see page 133) is: 

2HgNH2Cl + 4H+ + 2N03“ + 2Cr = 

2HgCl2 + 2NO -f Na + 4 H 2 O 

Mercurous sulfide is at first formed when H 2 S is jjassed into a 
solution containing the mercurous ion. The product, however, 
soon decomposes into a mixture of Hg and HgS. 

Ammonium carbonate forms, with mercurous nitrate solution, a 
mixture of mercuric amido nitrate, mercuric oxide and free mer- 
cury. 

The identifying test for mercury in this group consists of the 
reduction of mercuric chloride, formed as i^reviou.sly described 
by the action of aqua regia on Hg and HgNHaCl. The reducing 
agent is stannous chloride. When this reagent reacts on HgCl j 
the product first formed is HgaCla. The reaction is: 

2HgCl2 + Sn++ -f- 2Cr = + Sn++++ -f 401" 

A further reduction takes place, forming free mercury: 

HgaCb + Sn++ -t- 2Cr = ^ + Sn++++ -f 4Cr 

The test appears as a white j)recipitate, gradually becoming 
gray owing to the mixture of Hg 2 Cl 2 aijd Hg, or sometimes almost 
black if the reduction to Hg is complete'. 

PRELIMINARY EXPERIMENTS 

1. Precipitation of Mercurous Chloride, Hg 2 Cl 2 . Add dilute 
HCl to 5 ml. of Hg 2 (N 03)2 test solution until precipitation is 
complete. Write the equation for the reaction. 

Decant as much of the supernatant liepiid as possible; from the 
precipitate, add a little water and heat the mixture. Does the 
pre'cipitate dissolve in hot water? Compare the aeTion of hot, 
water here with that on AgCl, and bear this in mind when a similar 
experiment with PbCl 2 is performed. The difference in the action 
is used to separate AgCl and Hg 2 Cl 2 from PbCl 2 . 

2. Reaction of Hg 2 Cl 2 with NH 4 OH. Filter off the precipitate 
of Hg 2 Cl 2 and treat it with dilute ammonia solution. Does it 
dissolve? Is there any apparent change ? Show how the equation 
for the reaction is balanced. Compare the effect of NH 4 OH on 
Hg 2 Cl 2 with its effect on AgCl. 
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3. Dissolving the “ Black Residue.” Remove some of the 
black mixture of Hg and HgNH2Cl and place it in a small evapo- 
rating dish. Prepare a small quantity of aqua regia by’ mixing 
three volumes of concentrated HCl with one volume of concen- 
trated HNO3 and add 5 ml. of this solvent to the residue. Under 
the hood, heat the mixture until the solution is nearly evaporated 
to dryness. Show by sepaiate equations how aqua regia dissolves 
mercury and mercuric amido chloride. Refer to page 133 for the 
balancing of these equations. The almost complete evaporation 
of the solution is necessary to decompose the excess of reagent 
and to remove the chlorine produced in the decomposition of the 
aqua regia. When aqua regia decomposes, the products are CI2, 
NOCl and water. The reaction is; 

NOg" -f- 3Cr + 4H+ = CI2 + N(Xd + 2H2O 

The presence; of mercury can rmw be demonstrated in iRe 
almost completely evaporated solution by the following experi- 
ment. 

4. Stannous Chloride Test for Mercury. Dilute the solution 
with 5 ml. of water and add, dropwisc, a solution of stannous 
chloride. Observe how the precipitate gradually changes color. 
What is first formed? To what is the darkening due? Supply 
the equations for the reactions taking place. 

LEAD, Pb++ 

Lead forms two series of compounds, in which the element is 
respectively divalent and tetra valent. Thus, from the monoxide, 
litharge, PbO, are obtained the common salts such as Pb(N03)2, 
PbCL, and PbS04. The hydroxide, Pb(OH)2, is precipitated 
from Pb++ solutions by NaOH; it is an amphoteric substance, 
reacting with acids to give Pb++ ions and with bases to give the 
plumbite ion, Pb02“. The dioxide, Pl>02, is typical of the tetra- 
valent compounds of lead. In the reactions utilized in the sepa- 
ration and detection of lead, only the divalent forms are involved. 

Most of the. salts of lead are insoluble in water, the notable 
exceptions being the nitrate, nitrite and acetate. T^ead chloride 
is somewhat soluble in cold water and quite soluble in hot water. 
Tlie bromide and iodide are less soluble in cold water than the 
chloride. Owing to the partial solubility of PbCU in cold water, 
lead is not completely precipitated as lead chloride in this group. 
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The properties of lead which are involved in this group are here 
given; further properties of lead are considered on page 136. 

The important salts of lead from an analytical standpoint are 
PbCl2, PbCr04, PbS04 and PbS. The properties of the sulfate, 
and sulfide are described on page 137. 

Lead chromate is readily precipitated by K2Cr04 as a rather 
insoluble yellow salt. It is insoluble in acetic acid and in NH4OH. 
This is the most characteristic test for lead. 

EXPERIMENT’ 

1. Precipitation ofTeaa uniofide, PbCl 2 . T o 5 ml. of Pb (N03)2 
test solution add dilute HCl. Write the ionic equation for the 
reaction. 

Decant, add 3 ml. of water and heat to boiling. IIow does the 
action here differ from that for AgCl and Hg2Cl2? Allow the 
solution to cool. What are the needle-like crystals which form? 

2. Chromate Test for Lead. Warm the solution again to dis- 
solve the crystals and divide the solution into two parts. To one 
portion add a few drops of potassium chromate, K2Cr04, reagent. 
Write the equation. 

3. Sulfate Test for Lead. To tlie other portion of the lead 
chloride solution add dilute H2SO4. Note the nature of the pre- 
cipitate. Write the equation. This is another good test for lead. 
Further properties of PbS04 are described on page 137. 

REVIEW EXERCISES — SET 10 

1 . How may lead, silver and mercurous mercury ions be separated from 
all other common cations? Give the ionic eejuations for the reactions involved. 

2 . What property of lead can be used to separate it from silver and 
mercurous mercury? Does the separation of lead from silver involve a 
chemical reaction? 

3. In experiment 1 under lead, what would have been the result if HCl 
had been added to a hot test solution of Pb(N03)2? ■ 

4 . What properties of the compounds of silver, lead and mercury suggest 
themselves as identifying tests for these cations? 

6. What difference in behavior do AgCl and HgaCL show toward NH4OH? 
Write the reactions. Does this suggest a method of separation? 

6 . What reaction is involved when AgCNHalaCl is treated with HNO3? 
Write the equation. 

7 . What is the composition of the black precipitate formed by treating 
HgaCla with NH4OH? Write the reactions between aqua regia and th»8 
residue. 
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8 . The test solution of Pb(N 03)2 contains 10 milligrams of lead per 
milliliter. Calculate (a) the gram-atoms of Pb per liter and (6) the gram- 
moles of Pb(N 03)2 per liter. 

9. Calculate the grams of hydrogen chloride required to precipitate, as 
AgCl, the Ag^ contained in 5 ml. of test solution. (The student test solution 
will contain 10 milligrams per milliliter.) What weight of AgCl will be pro- 
duced in the reaction? 

10. What volume of dilute HCl solution (specific gravity 1.100) will be 
required to precipitate, as Hg 2 Cl 2 , 50 milligrams of Hg 2 ++ ion? 

Outline op the Method of Analysis of this Group 

The foregoing experiments have shown : 

1 . That AgCl, Hg2Cl2 and PbCl2 are precipitated by dilute 
HCl. Reference to the group precipitation experiments, page 117 , 
reveals that all other chlorides are soluble; hence through the 
formation of insoluble chlorides the members of this group can be 
separated from other cations. 

2 . That PbCl2 is very soluble in hot water; AgCl and Hg2Cl2 
are not. This property therefore serves to separate lead from 
silver and mercurous mercury. The presence of lead can be shown 
by the precipitation of yellow PbCr04 or white PbS04. 

3. That AgCl is soluble in NH 4 OH, whereas Hg2Cl2, although 
undergoing a change, is insoluble in this reagent. Ammonium 
hydroxide is therefore used to separate AgCl from Hg2Cl2. If the 
solution of the complex salt, Ag(NH3)2Cl, formed when AgCl dis- 
.solves in NH 4 OH, is neutralized by HNO 3 , AgCl is reprecipitated; 
this constitutes the test for silver. The product formed by the 
action of NH 4 OH on Hg2Cl2 is a black mixture consisting of 
metallic mercury and mercuric amido chloride, HgNH2Cl. Both 
constituents can be dissolved in aqua regia, and the test for mercury 
consists of reducing the resulting mercuric ion with stannous 
chloride. 

These reactions and properties furnish the basis for the scheme 
of analysis and, when properly applied, the cations of this group 
can thus be separated and identified. The order of introducing the 
reagents and of conducting the various manipulations is shown 
diagrammatically in the scheme. This condensed arrangement, 
although it serves as a guide to the essential steps in the analysis, 
should by no means be employed as a set of working directions. 
The detailed procedure to be followed in the separation and de- 
tection of a mixture of these ions is here given. 
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DIAGRAMMATIC SCHEME — GROUP I 


Solution: 

Hg2++ 


Ag+ 


Pb++ 


Precipitaie: 

Residue: 

Residue: 

Hg2Cl2 1 

Hg2Cl2 

HgNH2Cl + Hg — 
Dissolved in aqua 
regia, boiled, SnCl2 

Diluted 

Boiled 

Treated added; white, gray 

to 25 ml. 

with 

with or black precipitate 

HCl AgCl 

15 ml. AgCl 

dilute proves Hg. 

added 

water; 

. NH4OH; 

until 
precipi- 
tation 
is com- 
plete. 

De- PbCl2 

canted 

■ filtered. 

filtered. 

Filtrate: 
Ag(NH 3 ) 2 -^- 
Acidified with di- 
lute IINO3; white 
precipitate proves 
Ag. 

through 

Filtrate: 


filter. 

Washed. 

Pb++ 1 

J 

1 K2Cr04 added; 

1 yellow precipitate proves Pb. 


Practice Analysis op a Mixture Containing Lead, Silver 
AND Mercurous Mercury Ions 

Preparation of Mixture. Prepare a mixture of the cations of this 
group by placing in a beaker about 15 ml. of the Pb(N03)2 test 
solution, 5 ml. of the AgNOa test solution and 5 ml. of the 
Hg2(N03)2 test solution. This solution will be acid from the 
HNOa used in preparing the mercurous nitrate test solution, but 
the presence of not too large amounts of HNO3 will not interfere 
with the group precipitation. 

Group Precipitation. Take the 25 ml. portion of the sample jast. 
prepared and add dilute HCl slowly with constant stirring, until 
a precipitate no longer forms. Allow the precipitate to settle and 
to the clear supernatant solution add a drop or two of the dilute 
precipitating agent; if incomplete precipitation is indicated by 
the formation of a white precipitate, continue the addition of HCl 
until precipitation is complete. The precipitate consists of a 
mixture of PbCl2, AgCl and Hg2Cl2 and is formed by the simple 
combining of ions as shown in the equations : 

Pb++ + 2Cr = PbCla 

Ag^- + Cr = AgCl 


Hg2++ + 2Cr = HgaCla 
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take place. The solution in which a precipitate has been formed 
contains just enough of the ions involved so that the product of 
their concentrations is equal to the of that precipitate. The 
concentration of one ion may greatly exceed that of the other and, 
in fact, it is desirable to have an excess of the precipitating ions in 
order to in.sure more complete removal of the ions being precipi- 
tated. 

The molar and gram solubilities and the solubility product 
constants of the chlorides of this group are given in the table 
below : 

TABLE X 


Substance 

Solubility 
Grains per Liter 

Solubility 

Moles per Liter 

^B,p. 

HgaCh 

3.8 X 10“^ 

8.0 X 10-^ 

2.0 X 10“*® 

AgCl 

1..5 X 10“* 

1.06 X 10-® 

1 . 1 X 10-*" 

PbCb 

11.0 

3.9 X 10-2 

2.4 X 10-< 


Note the small value for the Kg_p, of Hg 2 Cl 2 , indicating it to be 
a very insoluble compound. PbCl 2 , on the other hand, has a 
relatively large value. It is quite soluble; so much so that an 
appreciable amount of the lead escapes precipitation in this 
group. 

The solubility product principle, as already pointed out, enables 
us to calculate the amount of precipitating reagent to add in order 
to initiate the precipitation of the desired ion. Thus, in a solu- 
tion containing a known concentration of silver ion we can calcu- 
late the concentration of chloride ion necessary to give a precipi- 
tate of AgCl, according to the following equation : 

C'Ag+ X C* = 1.1 X 10“^® 

where is the required gram-ion concentration of chloride ion 
and 1.1 X 10“^® is the iiCs p. of AgCl. Applying this equation to a 
solution containing a known concentration of Ag'*" ion, we can 
readily calculate the concentration of CP ion required to saturate 
the solution, and any excess beyond this must result in the precipi- 
tation of AgCl. If, for example, a certain solution contains 
1 X 10~^ gram-ion of Ag+ per liter, from the equation: 

1 X 10-2 X a: = 1.1 X 10“^® 

the concentration of chloride ion is approximately 10“* gram-ion. 
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The solubility product equation for Hg 2 Cl 2 is expressed by the 
relation : 

CHg,++ X (Cci-)^ = -^^0.p.(2.OxlO-“) 

To find the chloride-ion concentration necessary to start the 
precipitation of Hg 2 Cl 2 in a solution in which the mercurous-ion 
concentration has a definite known value, say 1 X 10~^, it is 
necessary to solve for the chloride-ion concentration in the above 
equation. 

(1 X 10“2) X {xf = 2.0 X 10“^® 

from which x = 1.4 X 10~® gram-ion of Cl . 

In the same way, in a solution of a lead salt containing this 
same concentration of Pb++ ion, the chloride-ion (ioncentration 
required to start precipitation of PbCl 2 is obtained from the 
equation : 

Cpb- X (Cci-)" = 

1 X 10“2 X (x)2 = 2.4 X 10"^ 

from which x = 0.16 gram-ion of CP ion. 

Suppose a solution contains both Hg 2 '''''' ions and Pb++ ions, 
each having a concentration of 1 X 10“^. If chloiide ions arc* 
added, the solution will become saturated with resi)ect to Hg 2 Cl 2 
when the CP ion concentration reaches 1.4 X 10 “*, and henc(4orth 
solid Hg 2 Cl 2 will precipitate, unmixed with Pb(’l 2 , until the .solu- 
tion becomes .saturated with res^xict to PbC'p also; aft(!r this then; 
will be simultaneous precipitation of both Hg 2 C’l 2 and PbCl 2 . 
The concentrations of Hg 2 '*"^ and Pb^^ in the, solution when the 
latter begins to precipitate can be dcb'rmincd from the principh; 
of fractional precipitation discus.sed on page 70. The ratio of 
Pb++ to Hg 2 ^'^ is the same as the ratio of the solubility product 
constants of these two chlorides: 

Cpb^^ K,.p.(PbCh) _ 2.4 X 10-^ u 

i^..p.(H«cb) 2.0 X 10-»« ' 

From this it follows that, when both chlorides are precipitating, 
the concentration of Pb++ ion in solution is enormously greater 
than that of the Hg 2 ''^ ion. 

Complex-Ion Formation. An application of the theory of com- 
plex ions is encountered in this group in the separation of silver 
from mercurous mercury. NH 4 OH will dissolve AgCl on account 
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of the formation of the complex silver ammonia ions, according to 
the reaction: 

AgCl + 2NH3 = Ag(NH3)2+ + Cr 


This complex ion tends to dissociate into its simpler components 
thus: 


Ag(NH3)2+?^Ag+ + 2NH3 


and an equilibrium is set up between these components which can 
be formulated by the equilibrium expression : 


Cak* X (C'nhj)'' 


"Ag(NH>)2+ 


= K 


(instability constant) 


An excess of NH3 will therefore force back the ionization and 
lower the concentration of Ag+ ions. The Ag+ ion concentration 
becomes so low that the A'g.p. for AgCl is not exceeded, and conse- 
quently solid AgCl will continue to dissolve in order to maintain 
the required ion concentration' This cycle continues until the 
AgCl is completely dissolved. When HNO3 is added to the solu- 
tion containing the complex ion, its action is to neutralize the 
ammonia, thus disturbing the above equilibrium ^nd precipitating 
AgCl. 

Oxidation-Reduction. Redox phenomena are encountered in 
the separation and identification of mercury. The first case, that 
of the action of NH4OH on Hg2Cl2, is an interesting example of 
an internal oxidation-reduction reaction in which one monovalent 
atom of mercury becomes oxidized to the mercuric state (forming 
HgNH2Cl) at the expense of another which becomes reduced to 
the zero- valent (metallic) condition. 

The writing of the equation for this reaction is not so readily 
apparent, hence will here be shown. The reduction of the mer- 
curous chloride to metallic mercury can be shown by the half-cell 
equation : 

Hg2Cl2 + 2e ^ 2HgO -b 201“ 


two electrons being required to reduce Hg2''~^ to 2 Hg°; the oxida- 
tion of Hg2Cl2 to HgNH2Cl is written as the other half-cell 
reaction : 


HgaCla + 4NH4OH 2 HgNH 2 Cl + 2 e + 4H2O -b 2NH4+ 
the two electrons being lost by Hg2+'^ in becoming 2 Hg++, 
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Adding these two half-cell reactions and dividing the entire 
equation by 2 give : 

HgaCla + 2NH4OH = Hg + HgNHaCl NH4CI + 2H2O 

The second case is the dissolving of this black mixture in aqua 
regia. Here we have: 

(1) The oxidation of metallic Hg to HgCl2: 

3[Hg + 2Cr = HgCls + 2e] 

2[N03" + 4H+ + 3e = NO + 2H2O] 

giving: 

3Hg 4- 8H+ + 2N03' + 60” = SHgCla + 2Na -f 4H2O 

(2) The dissolving of HgNH2Cl. The equation for the reaction 
can be balanced in the following manner. In the half-cell reaction: 

2NH2' Na + 411+ + On 

the 6 electrons lost will reduce 2N03~ to 2N0: 

2NO3” + 8H+ + 6e 2N0 + 4H2O 

The completed reaction is : 

2HgNH2Cl 4- 2Cr + 2N03' 4- 4H+ = 

2HgCl2 4- N2 4- 2N0 4- 4H2O 

(3) The reduction of HgCla by SnCla successively taHg2Cl2 and 
finally to Hg. 


THE HYDROGEN SULFIDE GROUP — GROUP II 

MERCURY, Hg++ ARSENIC, As+++ AsOj" and As+++++ ASO4- 
LEAD, Pb++ ANTIMONY, Sb+++ and Sb 

BISMUTH, Bi+++ TIN, Sn++ and Sn++++ 

COPPER, Cu++ 

CADMIUM, Cd++ 


e cations of this groun are those wh 


cinitated bv HoS from solutions acidified w 




Cl. They are; 

) and 

Mercuric salts 


(As04 ^). Sb+++ and Sb+++++. Sn++ and Sn++++.y / Mercuric salts 
are not precipitated by HCl but mercurous salts arc. This fact 
places mercuric mercury in this group and mercurous mercury in 
Group I. Lead is not completely precipitated by HCl, hence pro- 
vision must be made in this group for its separation and detection. 
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Cupric copper and cadmium resemble each other closely in their 
analytical reactions. Arsenic, no matter whether occurring 
originally as trivalent or pentavalent cation or as the anions 
ASO2'" or ASO4®, will be precipitated as AS2S3 and AS2S6 by this 
group reagent. Antimony salts show a similar behavior. Tin 
may be present in the starting material as stannous or as stannic 
salts and will be precipitated as the corresponding sulfides, SnS 
apd SnS2. 

The sulfides of this group are divided into two subgroups by 
the action of ammonium polysulfide, (NH4)2Sa;. Those which 
remain practically insoluble in this reagent are HgS, PbS, Bi2S3, 
CuS and CdS. This subgroup is known as Division A or the 
“ copper subgroup.” The sulfides which are dissolved by am- 
monium polysulfide are AS2S3 and AS2S5, Sb2S3 and Sb2S5, SnS and 
SnS2. This subgroup is known as Division B or the “ tin sub- 
group.” 

During the systematic analysis of a mixture of ions of this and 
the following group, it is urgently important that correct conditions 
of acidity, concentration and temperature be maintained in order 
that the sulfides of this group are precipitated, and at the same 
time the sulfides of Group III are not precipitated. The theory 
here involved is discussed in detail on page 168 . Jn brief, during 
the precipitation of this group, the acidity is kept at 0.3 ilf. re- 
quiring for this purpose 2.5 ml. of concentrated HCl per 100 m l. 
of solution la this is done in order that the sulfide-ion concentration 
can be controlled. In the procedures, therefore, for the prelimi- 
nary experiments as well as the analysis of known and unknown 
mixtures, it is highly important to maintain carefully this acidity 
and to understand why this must be done. 

The Ions of Division A, Group II 
MERCURIC MERCURY, Hg++ 

Mercuric salts, as a rule, are more soluble than the corresponding 
mercurous salts, although most of them are insoluble in water. 
The fact that mercuric chloride is soluble in water and dilute HCf 
places mercuric mercury in this group rather than in the preceding 
group. Many of the mercuric salts are poisonous. Mercuric 
salts, like the mercurous ones, show a tendency to hydrolyze in 
aqueous solution; the test solution of Hg(N03)2, for example, 
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hydrolyzes to form the insoluble basic nitrate, Hg(0H)N03. To 
prevent its formation the test solution is kept strongly acid with 
HNO3. A solution of HgCl2 is very slightly ionized; this is an 
exception to the general behavior of salts. In the presence of a 
large excess of Cl”, HgClg fonns a complex ion represented by the 
formula, HgCU”. 

The most important compound of mercuric mercury is the 
sulfide, HgS, When H2S is passed into a solution containing tin; 
Hg++ ion there is formed at first a ^vhite precipitate which gradu- 
ally changes color, finally becoming black. These color changeti, 
are due io varying proportions of double salts of HgS and HgCl2, 
such as HgS-HgCl2. HgS i « w ii t “ r 

and practica lly insoluble in dilute acids as well as in.an mionium 
polysiilfidc- ri f HgS is boiled with dilute HNO3 for some time, 
it will be transformed into a white, insoluble double salt, 
Hg(N 03 ) 2 - 2 HgS. 

Aqua regia is required to d issolve mercuric The action 

of this solvent can best be understood by considering the reaction 
involved. The products formed in the reaction arc the slightly 
ionized HgCl2, free sulfur, NO and water. Like other reactions 
with aqua regia, this is a redox reaction. The balancing of the 
equation for the reaction is carried out as follows. As noted else- 
where, the constituent ions in aqua regia are NO3”, H’'" and Cl”. 
For the half-cell reaction involving the reduction of NO3” to NO 
we have : 

NO3” -t- 4H+ + 3e = NO -h 2H2O (1 ) 

The oxidation of the sulfide ion in HgS to free S is represented by : 

S” = S® + 2e (2). 

This equation when combined with the formation of HgCl2 gives: 

HgS -h 2C1” = S -b HgCl2 + 2e (3) 

To balance the electrons, equation (1) is multiplied by 2 an4 
equation (3) by 3. Adding the.se and canceling out the electrons 
gives: 

2N03” + 8H+ -b 6e = 2NO -b 4H2O 

3HgS -b 6C1” = 3S -b 3HgCl2 + 6e 


3HgS -b 6Cr -b 2NO3” + 8H+ = 3S -b 2NO -b SHgCla + 4H2O 
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If desired, this ionic equation can easily be transformed into 
the following molecular one : 

3HgS + 6HC1 + 2HNO3 = 3HgCl2 + 3S + 2NO + IHgO 

The test for mercury consists, as already described on pages 123 
and 129, of the reduction of HgCl2 by means of stannous chloride. 

PRELIMINARY EXPERIMENTS 

1. Precipitation and Properties of Mercuric Sulfide. To 5 ml. 

of mercuric nitrate, Hg(N03)2, test solution add 2.5 ml. of con- 
centrated HCl, dilute to 50 ml. and pass in H2S. Account for 
the change in color of the precipitate. Write the equation for the 
formation of HgS. 

Filter off and wash the precipitate. Use separate portions of 
the-orecipitate for the following experiments. 

Action of Ammonium Polysulfuie on HgS. ^Tg one portion of 
the precipitate, transferred to a test tube, add 2 ml. of ammonium 
polvsiil/lde. This reagent, knowli vellow aiiiitKintmrt snl- 

fide, is made by dissolving sulfur in a strong solution of ammonium 
sulfide; it contains several different kinds of sulfide ions, the 
disulfide 82“ and the monosulfide S'" predominating. Its formula 
is variously given as (NIl4)2Sa; or (NH4)2S2. This reagent is 
used in the systematic scheme given in this book to separate 
the sulfides of this group into two subdivisions. 

Does the HgS appear to dissolve in this reagent? Make a note 
of this property of HgS and later compare the action of this solvent 
on the other sulfides of this group. 

Action of Dilute IINO-^ on HgS. Treat another portion of th e 
TTritn HNO3. Heat the mixture gently at first. Does 

HgS dissolve? Continue boiling for some time. Account for 
any observed change in the precipitate. 

Action of Aqua Regia on HgS. a. t.l^i rd portion of the pre- 
eipiffljp qHd 5 ml. qf f^qna regia and heat if necessary in order to 
dissolve it. Write the reaction showing the method of balancing 
the equation. 

2. Review the test with SnCl2 described on page 124. 

LEAD, Pb++ 

The failure of HCl to completely precipitate lead as PbCl2 in 
the preceding group makes it necessary to provide for its further 
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separation in this group. In fact, if the amount of lead in a 
sample is too small to give a precipitate with HCl, no separation 
as PbCl2 in Group I is at all possible and small amounts of lead 
are consequently detected only in Group II. The sulfide, how- 
ever, is very insoluble and enables one to precipitate lead al- 
most completely as PbS. Properties relating to the sulfide and 
sulfate are given below. 

Lead sulfide, PbS, is readily precipitated by II2S from alkaline, 
neutral or slightly acid solutions containing the lead ion, as a 
blnelrj rn'T — is acidity is too great PbS 

will either not precipitate or else there will be form ed a reddish 
V^la^k double sijil^. PbCl2-2PbS. — — - 

The sulfide is insoluble in cold dilute acids and in ammonium 
polysulfide. Hot dilute.HNOa will dissolve it with the formation 
of Pb"*^, free sulfur and NO. In this respect it differs from IlgS 
and shares this property with Bi2S3, CuS and CdS. The solu- 
bility of PbS in HNO3 is accounted for by the oxidizing action of 
NOs" on the S“ ion. The writing of the equation for this reaction 
is as follows: When PbS dissolves in warm dilute HNO3 the prod- 
ucts of the reaction are Pb++, free S, NO and H2O. To balance 
the equation : 

PbS -h NOa’ + H+ = Pb++ -h NO -b S -h H2O 


resolve it into two half -cell equations 

S” = S« -b 2e 

from which we have: 


and 


PbS = Pb++ -b S -b 2e 
NO3" + 4H+ -b 3e = NO -b 2H2O 


( 1 ) 


Multiplying, adding and canceling electrons gives the balanced 
equation in ionic form: 

3PbS = 3Pb++ -f 3S + 6e 
2N03“ + 8H+ -b 6e = 2NO -b 4H2O 


3PbS -f 8H+ -b 2N03' = 3Pb++ -b 3S -b 2NO -f 4H2O 


Expressed in molecular form, since 8H+ require 8HNO3, the 
equation may be written thus: 

3PbS + 8HNO3 = 3Pb(N03)2 + 3S -b 2NO + 4H2O 
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Lead sulfate, PbS04, is best precipitated by adding a large 
excess of H2SO4. It is soluble in ammonium acetate owing to 
the formation of the slightly ionized salt, Pb (0211302)2: 

PbS04 + 2C2H3O2" = Pb(C2H302)2 + SO4- 

PRELIMINARY EXPERIMENTS 

1. Precipitation and Properties of Lead Sulfide, PbS. Dilute 
5 ml. of Pb(N03)2 test solution to 50 ml., add 2.5 ml. of concen- 
trated HCl and saturate with H2^. Write the ionic equation for 
the formation of PbS. Repeat the experiment, doubling the 
quantity of HCl. Explain the result. 

Action of Ammonium Polysulfide on PbS. Filter off the PbS 
obtained in the first part of the above experiment and divide 
into two portions. To one portion add some ammonium poly- 
sulfide. Is there any apparent action? 

Action of Dilute HNOz on PbS. Add dilute HNO3 to the other 
portion of the precipitate and warm the mixture. How does the 
action differ from that of HgS? Write the equation, showing the 
steps involved in the balancing. 

2. Properties of Lead Sulfate, PbS 04 . Add a few milliliters of 
dilute H2SO4 to load nitrate test solution and evaporate until 
dense white fumes of SO3 are evolved. Cool and pour the solution 
into cold water. The white precipitate is PbS04. Write th(i 
reaction. TTiis is the method of separating lead from bismuth, 
copper and cadmium, since the .sulfates of the latter three cations 
are soluble in water and dilute H2SO4. 

Filter off the PbS04 and pour through the filter a few milli- 
liters of hot dilute ammonium acetate, NH4C2H3O2, solution. 
Test for lead in the filtrate. How? 

BISMUTH, Bi+++ 

The common valences of bismuth are -|-3 and -1-5. The chief 
oxides are Bi203 and Bi205. The properties and reactions of only 
the trivalent ion, Bi+'*~^, are here considered. A characteristic 
property of bismuth salts is the ease with which they hydrolyze, 
precipitating insoluble basic salts. Thus the chloride readily 
hydrolyzes to the oxychloride, BiOCl; the nitrate first forms the 
oxynitrate, BiONOs, which then passes over into the subnitrate 
(Bi0)2(0H)N03. 
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On account of the ease of hydrolysis, the test solution of 
Bi(N03)3 is kept strongly acid with HNO3 to prevent the pre- 
cipitation of Bi0N03. 

Bismuth hydroxide, Bi(0H)3, a white solid, is fonned when 
NH4OH or NaOH is added to Bi+++: 

Bi+++ -k 30 H" = Bi(OH)3 

It is insoluble in an excess of ammonia solution, differing in this 
respect from Cu(OH)2 and Cd(OH)2, the latter two dissolving 
to form complex ions. This property of Bi(OH)3 serves to sepa- 
rate bismuth from copper and cadmium. 

As already noted, solutions of bismuth salts, such as Bids, 
readily hydrolyze. In the case of the chloride, by diluting with 
water we have : 

Bi+++ + cr -h HOH ^ thCXn + 2 H+ 

This reaction is distinctly reversible and therefore if much acid is 
added to a solution containing pnM'ipitated BiOd the latter dis- 
solves. The formation of BiOCl is one of the tests for bismuth. 

Bismuth sulfide, Bi2S3, a dark brown, very insoluble substance, 
is formed when H2S or (Nn4)2S is added to a Bi^^"^ solution. 

2 Bi+++ -h 3 S“ = Bi 2 S 3 

This sulfide is insoluble in ammonium polysulfide and in cold 
dilute acids, but readily dissolves in hot dilute HNO3. The re- 
action can be expressed ionically by the equation : 

Bi2S3 + 2NO3" + 8H+ = 2Bi+++ -h 3 S + 2 NO + 4H2O 

This equation is similar to the one given for PbS; the method of 
balancing was developed on page 137 . 

Sulfuric acid docs not react with Bi''''''+ to form an insoluble 
/ 

sulfate. 

Sodium stannite reduces Bi+++ or Bi(OH)3 to black, metallic 
Bi. This is the best test for bismuth. The reagent is prepared, 
as needed, by treating a solution of SnCl2 with an excess of NaOH. 
In the preparation of this reagent, the product which first forms 
is Sn(OH)2 and this dissolves in an excess of the base, on account 
of its amphoteric nature, to form the stannite ion, Sn02”": 

Sn++ -h 20 H" = Sn(OH)2 

Sn(OH )2 + 20H" = SnOa" + 2 H 2 O 
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When Bi(OH)3 is treated with this reagent reduction of the 
bismuth to Bi takes place: 

2 Bi+++ + 60 H" + SSnOa' = ^ + SSnOa* + SHjO 

PRELIMINARY EXPERIMENTS 

1 . Precipitation and Properties of Bismuth Sulfide, Bi2S3. 

Neutralize 5 ml. of Bi(N03)3 test solution with dilute NH4OH, 
add 2.5 ml. of concentrated HCl, dilute the solution to 100 ml. with 
water and pass in H2S. Note the color of the precipitate and 
write the equation. 

Action of Ammonium Polysulfide on Bi2S3. Decant the solu- 
tion and treat the Bi2S3 with a few milliliters of (NH4)2S2. Does 
it dissolve? Compare the action with that for HgS and PbS. 

Action of Dilute HNO3 on Bi^S^. Wash the undissolved pre- 
cipitate with a small portion of water, filter and then pass through 
the filter 5 ml. of hot, dilute nitric acid. Show how the equation 
for the reaction is balanced by supplying the half-cell equations. 
Is this property of Bi2S3 like that of HgS and of PbS? 

2 . Action of H2SO4. Add dilute H2SO4 to a few milliliters of 
bismuth test solution. Does a precipitate of bismuth sulfate 
form? Compare this with the analogous experiment with lead. 

3 . Precipitation of Bi(OH)3. To a few milliliters of Bi(N03)3 
test solution add dilute NH4OH until a precipitate forms. Write 
the equation. 

Add an excess of the reagent. Is Bi(OH)3 soluble in an excess 
of NH4OH? 

4 . Hydrolysis of Bismuth Chloride. Dissolve- a portion of the 
Bi(OH)3 obtained in experiment 3 by adding a small amount of 
dilute HCl, and then dilute the solution with a large volume of 
water. What forms? What is the equation for the reaction? 

6. Sodium Stannite Test for Bismuth. Prepare some sodium 
stannite reagent by adding a solution of NaOH to a SnCl2 solu- 
tion until the Sn (OH >2 which first forms redissolves. The reagent 
thus prepared contains the stannite ion, Sn02”, a good reducing 
agent. 

To the remainder of the Bi(OH)3 obtained in experiment 3 add 
some of the freshly prepared reagent. What happens? Write 
the redox reaction. This is a very sensitive test for bismuth. 
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COPPER, Cu++ 

Copper forms two series of salts, the cuprous, in which copper 
is monovalent, and the cupric in which this element is divalent. 
Cuprous salts are easily oxidized to the cupric form; they are 
for the most part insoluble in water. The test solution is made 
from Cu(N 03)2, and therefore con ains the cupric ion, Cu++. 
Cupric nitrate is derived by dissolving the black cupric oxide, 
CuO, in nitric acid. 

Cupric hydroxide, Cu(OH)2,.a blue precipitate, is formed when 
a dilute solution of NaOH or KOH reacts with cupric ion. 

The same product, or possibly a basic salt, is formed when an 
equivalpnt amount of dilute ammonia solution is added to Cu++: 

Cu++ + 20 H" = Cu(OH)2 

If an excess of the ammonia reagent is used, the precipitate 
dissolves forming the complex Cu(NH3)4'*^ ion: 

Cu (011)2 + 4NH3 = Cu(NH3)4++ + 20H- 

In the Werner system of nomenclature this complex of copper and 
ammonia is called the tetrammono-cupric ion. This complex has 
an intensely blue color and is one of the tests for copper. 

Cupric sulfide, CuS, is formed when a cupric solution is treated 
with sulfide ion. The cupric sulfide is very insolul)le and readily 
forms when H2S is passed into a strongly acidified solution of ('iri''' . 

Cu++ 4- S“ = C!uS 

This sulfide is soluble to a slight extent in ammonium poly- 
sulfide, forming the complex thio-ion CuS2'“, so that the separation 
of copper from arsenic, antimony and tin is not perfect and traces 
of copper may consequently be found in Division B upon analysis 
of samples containing this element. 

Dilute, hot nitric acid dissolves CuS with the formation of 
Cu++, NO, S and water. The equation: 

3CuS + 2NO3" 4- 8H+ = 3Cu++ + 2N0 + ^ + 4H2O 

is balanced in the same way as developed for the action of HNO3 
on PbS (see page 137). 

Cupric ion reacts with an excess of KCN to form a very stable 
complex. When a cupric solution is treated with KCN the first 



142 


THE REACTIONS OF THE CATIONS 


result is the formation of cupric cyanide: 

Cu++ + 2CN' = Cu(CN )2 

This immediately is reduced to cuprous cyanide: 

2Cu(CN)2 Cu2(CN)2 + (CN)2 

An excess of KCN then reacts, forming a colorless solution which 
contains the cuprocyanide complex ion : 

Cu2(CN)2 + 6CN- = 2Cu(CN)4" 

From a solution containing this complex, H2S will not precipitate 
CU2S. A corresponding but less stable complex is formed with 
Cd++; this difference in stability of these two complexes is utilized 
to dettjct cadmium in the presence of copper. 

A very sensitive test for copper is the reddish brown precipitate 
of cupric ferrocyanide which forms when potassium ferrocyanide 
is added to a cupric solution : 

2Cu++ + re(CN)6~ = Cu2Fe(CN)6 


PRELIMINARY EXPERIMENTS 

1. Precipitation and Properties of Cupric Sulfide, CuS. Add 

2.5 ml. of concentrated HCl to 5 ml. of Cu(N03)2 test solution, 
dilute to 100 ml. and saturate the solution with H2S. Write the 
reaction. Note the color of the precii^itate. 

Action of Ammonium Polysulfide on CuS. Filter off the CuS 
and treat a portion of it with (NH4)2S2, warming the mixture. Is 
CuS soluble in this reagent to any extent at all? If a small portion 
dissolves owing to prolonged action of the reagent, where further 
in the analytical scheme might copper be detected? 

Action of Dilute HNOz on CuS. Treat the remainder of the CuS 
with hot, dilute HNO3. Why is an oxidizing solvent necessary to 
dissolve sulfides like CuS? In this respect, CuS resembles what 
other sulfides? Show how the equation for the reaction is 
balanced. 

2. Complex Ion of Copper and Ammonia. Add dilute ammonia 
solution to 5 ml. of test solution until a deep blue color develops. 
What is the complex formed? Write the equation. Compare the 
effect here with the action of NH4OH on AgCl and on Bi(OH)3. 
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3. Ferrocyanide Test for Copper. Add a few drops of potassium 
ferrocyanide, K 4 Fe(CN) 6 , reagent to 1 ml. of copper test solution. 
Note the color and give the equation. This is a very sensitive 
test for copper. 

4. Complex Ion of Copper and Cyanide. To 2 ml. of the 

Cu(NH 3 ) 4 ++ solution obtained in experiment 2 add, dropwise, a 
dilute solution of KCN. Caution: KCN is a violent poison! 
Wo 7 'k with extreme care. Perform the experiment under the hood. 
Continue adding the reagent until the blue color of the solution 
is discharged. In what oxidation state is the copper now? Com- 
pare the stability of the complex with the corresponding one formed 
with cadmimn. Write the equation, showing the steps in the 
reaction. 

CADMIUM, Cd++ 

C'admium forms salts in which this (element always has a 
valence of -|-2. Many of the salts of cadmium are insoluble in 
water. In its analytical reactions cadmium closely resembles 
copper. The sulfide and the complexes formed with ammonia ion 
and with cyanide ion are the most important forms from an 
analytical standpoint. 

Cadmium sulfide, C'dS, yellow, is formed when H 2 S is jiassed 
into a neutral, alkaline or acid solution containing Cd"*"^. 

Cd++ + S” = ^ 

If the acidity is somewhat high, precipitation of the sulfide may 
be incomphite and there may be fornuKl an orange-colored pr(‘- 
cipitate of a double salt of the probable comi)osition, CdCla-CdS. 
In slightly acid solutions, the precipitation of CdS is practically 
complete. 

CdS is insoluble in ammonium polysulfide, sharing this property 
in common with HgS, PbS, 1^283 and for the most part with CuS. 
It dissolves in hot, dilute HNO3: 

3CdS + 2N03' + 8H+ = 3Cd^ + ^ + 3S -b 4 H 2 O 

Like the cupric ion, Cd++ reacts with NH4OH first to precipitate 
the hydroxide : 

Cd++ -f 20H' = Cd(OH )2 

ITie hydroxide is soluble in an excess of the reagent forming the 
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colorless complex ion, Cd(NH3)4++: 

Cd(OH)2 + 4NH3 = Cd(NH3)4++ + 20H" 

corresponding to the deep blue tetrammono-cupric complex. 

The cadmium ion reacts with an equivalent amount of potassium 
cyanide to form cadmium cyanide: 

Cd++ + 2CN~ = Cd(CN)2 

This dissolves in an excess of CN~, forming a complex cadmium- 
cyanide ion : 

Cd(CN)2 + 2CN" = Cd(CN)4“ 

This ion is much less stable than the cuprocyanide complex formed 
with copper, and this difference in stability enables one to detect 
cadmium in the presence of copper for, if H2S is passed into a solu- 
tion containing both Cu(CN)4“ and Cd(CN)4“, cadmium sulfide 
only will be precipitated, the great stability of Cu(CN)4^ sup- 
pressing the concentration of cuprous ions to such an extent that 
CU2S cannot form and, by its black color, obscure the yellow color 
of CdS. 


PRELIMINARY EXPERIMENTS 

1. Precipitation and Properties of Cadmium Sulfide, CdS. To 

5 ml, of 'Cd(N03)2 test solution add 2.5 ml, of concentrated HCl, 
dilute to 50 ml., heat to boiling and pass in H2S. Describe the 
precipitate that forms. 

Repeat the experiment, diluting the mixture to 100 ml. instead 
of to 50 ml. What is the yellow precipitate? Write the equation. 
From these two experiments state the best conditions for the pre- 
cipitation of CdS. 

Action of Ammonium Poly sulfide on CdS. Treat some of the 
precipitated CdS with (NH4)2S2, waiming the mixture. Does 
the sulfide dissolve ? What other sulfides show a similar behavior ? 

Action of Dilute HNOz on CdS. Treat the remainder of the 
CdS with dilute HNO3, warming if necessary. Show how the 
equation for the reaction is balanced. What other sulfides already 
studied show a like behavior toward HNO3? 

2. Complex Ion of Cadmium and Ammonia. Neutralize the 
nitric acid solution obtained in (1) with dilute NH4OH and then 
enough of the reagent to dissolve any Cd(OH)2 which may form. 
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In what form is the cadmium now? Write the equation. Com- 
pare this behavior with that for copper. 

3. Complex Ion of Cadmium and Cyanide. Add, dropwise, KCN 
reagent to the solution containing Cd(NH 3 ) 4 ‘^ until the precipi- 
tate which first forms redissolves. What forms first? In what 
form is the cadmium when an excess of CN" has been added? 
Write the equations. 

Pass H 2 S into the solution. What is the yellow precipitate? 
Explain how KCN and H 2 S can be used to identify cadmium in 
the presence of copper. 

REVIEW EXERCISES — SET 11 

1. Group together the equations showing the reactions of the cations of 
this subgroup with H2S, specifying the color of each sulfide. 

2. What effect, if any, has ammonium polysulfide on the sulfides of this 
subgroup? 

3. What effect has dilute HNO3 on the sulfides of this subgroup? Write 
the balanced molecular equations for the reactions which take place. 

4. What property of the lead ion enables one to separate it from bismuth, 
copper and cadmium? Write the necessary equation. 

6 . Show, by equations, what difference in behavior toward excess NII 4 OH 
is shown by bismuth, copper and cadmium which enables one to separate 
bismuth from copper and cadmium. 

6. Show, by equations, how cupric ion .diff^^’s from cadmium ion in the 
behavior toward excess KCN. 

7. Write equations showing (a) an identifying property (test) for the 
mercuric ion, (6) two identifying tests for lead, (c) two identifying tests for 
bismuth, (d) two for copper, (c) a test for cadmium when originally present 
with copper. 

8 . In what group of the periodic table is each of these elements found? 
What valence or valences does each of these elements show? Assemble the 
equations, showing how certain of these cations are either oxidized or reduced, 
as revealed in the preliminary experiments. 

9 . Summarize the instances in which (a) hydrolysis, (b) complex-ion 
formation, (c) oxidation or reduction is a pronounced property of these cations. 

10. Would the sulfides of this subgroup be more easily or more difficultly 
precipitated in a solution less acid than that employed in the individual 
experiments? 

Outline of Method of Analysis of this Subgroup 

The members of Group II as a whole, including arsenlic, anti- 
mony and tin which make up subdivision B, also called the tin 
subgroup, are precipitated as sulfides by the use of hydrogen 
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sulfide under carefully regulated conditions of acidity, dilution 
and temperature so that the sulfides of Group III are prevented 
from forming. The group precipitate is then subdivided by the 
use of ammonium polysulfide, in which reagent the sulfides of 
Division A are practically insoluble. 

Careful study of the properties of the membem of this sub- 
group, as revealed through the preliminary experiments and 
review exercises, lead fui'ther to the following conclusions : 

1. In regard to the conditions under which the group precipi- 
tation is made, the necessity of a careful regulation of the acidity 
has already been emphasized. The student should not get the 
wrong impression that the sulfides of this group can be precip- 
itated only from an acid .solution. Quite the contrary is true, 
and if the precipitation is not complcti^ here, the ions escaping 
precipitation in this group will neverthtilcss be precipitated in 
Group III where their presence will seriously interfere with the 
separation and detection of the members of the ammonium sulfide 
group. The same applies to silver and mercurous mercury, for 
if these ions arc not completely removed in Group I, they will be 
precipitated as AgaS and HgaS in Group II. 

To effect a separation of the .sulfides of Group II from those of 
Group III the solution should be 0.3 M with respect to HCl. 
This is accomplished by the addition of 2.5 ml. of concentrated 
HCl to the solution, which finally is diluted to 100 ml. Instead 
of using the concentrated acid, 10 ml. of more dilute (3 M) HCl 
is sometimes used. The use of an indicator is advantageous to 
'establish definitely the correct acidity of the solution. Methyl 
violet is sometimes recommended. Ware (Essentials of Qual- 
itative Chemical Analysis) recommends acid cresol red, the 
color shade being close to the transition tint from pink to orange- 
yellow. 

^or the complet e, preeipil.atmn of ||| e solution .shou ld 

be relatively strongly acid and hot* o.^Mh e othe rj ^d, cadmium . 
tiq^and lead are best fromJarchTdTfliliite soluti on. 

These conditions are taken care of in the detailed procedure 
which follows. } 

iilute HNO-> is HgS : hence Ihis property's made iise 
4n separating this sulfide from the others "^ ^m s subgrou p. 
[IgS~Ts'so!n 1(>lf> uTg rpm rpgia and ill this solution Ihc^ presence of 
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mercuric ions can be shown by the reducing action of stannous 
chloride, 

3 . The action of dilute H9,S04 snlnfiona r>f Pb++, 

Bi'*'+~'V^»'^ Cd’*-*' h as~^ 

t hus offering a means o f 
and c^mium.<\ PbS(}i~l^ 
solution the lead can be reprecipitated as PbCrOd. 
^"*’^r~' ^ 4 rpnfnnhiii^ hydroxide will precipitat e^^^Qt^g, insoluble 
in an excess of the reagent, whereas the hydroxides of copper and 
cadmium are soluble in NH4OH, forming complex metal-ammonia 
ions. T his ret^nt will t herefore jeparate bisQ^^^)3■^ f ro coppe r 
fl.nH emlmnim. Bi§m3 jt.h can be^tcsWf by ^bf» fnrmn.tion of 
bismuth oxychloride, or by reduc t ion to metallic b ismutK^vTUr 
.sodium sta nnite. 

' ?? C-nppor anH fadmium behave alike toward all the reagents 
introduced up to this point. In order to detect cadmium, when 
the deep blue color of the complex Cu(NH 3 ) 4 ++ ion. reveals the 
presence of copper, use is made of an excess of KCN, which reduces 
the cupric ion to the cuprous condition, forming a stable complex 
cuprocyanide ion, and thus lowers the concentration of the cuprous 
ion so that when H 2 S is passed into the solution no CU 2 S will 
form. CdS, however, will be precipitated, serving as a test for 

pnrLmiiim 

"Tn short, the procedure of separating p^eh m e mber Jrom othe rs 

in the successive use of c ^ Uiite jIN£L . 
^ihitp. HoRO^. a nd KC]S[. elements,.. now- isnlnted 

[ro’m each rpapopHyply , nf HgS. PbSO d. 

BifOHla. Cu(CN) 4 ~ and CdS. Ide otifying tests are thenj rppljed 
a l ready indicated . 

^ diagrammatic arrangement of the scheme of separation and 
identification, including Division B as well, appears on page 147. 
The detailed procedure for the analysis of a known mixture of 
Division A follows. 

Practice Analysis op a Mixture Containing Mercuric 
Mercury, Lead, Bismuth, Copper and Cadmium Ions 

In a lOO-ml. measuring cylinder place 5 ml. of each of the test 
solutions of Hg++, Pb"^, Bi+^~^, Cu++ and Cd++, neutralize with 
dilute NH4OH, make faintly acid with dilute HCl and then add 
2.5 ml. of concentrated HCl. Dilute the mixture to 50 ml. with 



shown tha tPbS^nnbLia pre cipitated , 
separatin g leaT^fr^ bismuth, copper 
__solub^in JNILCoH-^Oo. fronTy^ch 
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distilled water. Transfer the solution to an Erlenmever fla sk 
and nass in a rapid stream of hydrogen siilfide until pre cipitation 
a ppears to be complet e. 

The reactions involved in the precipitation of the sulfides of 
this subgroup are shown by the ionic equations; 

Hg^ + S“ = HgS 


Pb-^^ + S“ = PbS 


2Bi+++ + 3S“ = BisSa 


Cu++ + S“ = ^ 
Cd++ + 8“ = CdS 


Filtor off the precipitate and tost the filtrate with H9.S in ord er 
to be sure that precipita tion is complete. Wash the precipita te 
on t,be jiTter with Rmall portinn.s of wat!‘er. saturated w ith HaS 
and containing a s mall quantity of NH4NO3. 

Separation of HgS and Identification of Mercury. Transfer the 
precipitated and washed sulfides to a beaker, add 20 ml. of dilute 
HNO3 (made by adding 7 volumes of water to 1 volume of con- 
centrated HNO3), heat for several minutes while stirring con- 
stantly and then filter. 

The residue consists of HgS or possibly the double salt, 
2HgSHg(N03)2 and free sulfur; the filtrate contains Pb-^, 
Bi+++, c;u++ and Cd++, the sulfides of these ions having dissolved 
in the nitric acid. 

To identify mercury in the black residue, wash it with water, 
transfer to a beaker with a spatula and boil with 5 ml. of aqua 
regia until brown fumes of NO2 are no longer given off and all 
chlorine is evolved, lie careful not to allow' the solution to evap- 
orate to dryness. Dilute the solution with 5 ml. of water and 
filter. The filtrate contains the mercuric ion. 

To this filtrate add, drop by drop, SnCla reagent. This will 
reduce the Hg++ ion, first to the mercurous .state, precipitating 
white HgaCb which, on further reduction, results in finely divided 
black metallic mercury. The precipitate, changing color from a 
white, through shades of gray to black, shows the presence of 
mercury 
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Separation of PbS04 and Identification of Lead. The filtrate 
from the separation of mercury will contain 
and Cd"^ ions and excess HNO3. Place the filtrate in an evap- 
orating dish, add 5 ml. of concentrated H2SO4 and evaporate 
under the hood until white, cloudy fumes of SO3 appear. This 
will not occur until all the HNO3 has been evolved and the vol- 
ume reduced to a few milliliters. It is important that all HNO3 
be removed because PbS04 is somewhat soluble in this acid and its 
presence in the filtrate will interfere with the test for bismuth. 

Cool the solution and pour it slowly into 20 ml. of water, wash 
the dish with a few milliliters of water, adding this to the solu- 
tion; allow the mixture to settle and then filter. Reserve this 
filtrate for the identification of the Bi+++, Cu++ and Cd^^ ions. 
The white, finely crystalline precipitate is a good indication of 
lead. Basic bismuth sulfate, (Bi0)2S04, may appear at this 
point, and may be mistaken for PbS04; hence the confirmatory 
chromate test for lead should be made. 

Wash the white precipitate with a little water hnd then pour 
through the filter 10 ml. of hot NH4C2H3O2 solution. Reheat the 
filtrate and repeat the extraction. Add a few milliliters of 
acetic acid and several drops of K2Cr04 to the filtrate. The 
yellow precipitate of PbCr04 shows the presence of lead. 

Separation of Bi(OH)3 and Identification of Bismuth. Neu- 
tralize the filtrate from the lead separation with dilute NH4OH, 
and then add a few milliliters in excess, in order to dissolve copper and 
cadmium hydroxides. The white precipitate remaining is Bi (OH)3. 

Filter off the white precipitate and wash it with water. Dis- 
solve a portion in a few drops of dilute HCl and pour the solution 
into about 50 ml. of warm water. A white precipitate or tur- 
bidity is due to BiOCl. 

The test for bismuth is carried out as follows; Prepare fresh 
sodium stannite, Na2Sn02, by adding NaOH to a few milliliters 
* of SnCl2 solution until the precipitate, which first forms, dissolves. 
Cool the reagent and add a few drops to the Bi(OH)3 reipaining 
on the filter paper. The residue will turn dark owing to the 
reduction of the bismuth to the free state. 

Identification of Copper. The deep blue solution obtained dur- 
ing the Bi(OH)3 separation, owing to complex copper-ammonia 
ions, Cu(NH 3)4‘'^, is usually sufficient proof of the presence of 
copper (see note under arsenic test, page 302 ). 



REACTIONS OF ARSENIC 


151 


For traces of copper, the test with potassium ferrocyanide, 
K4Fe(CN)6, is more sensitive. To carry out this test, take a 
small portion of the solution, make it slightly acid with H2SO4 
and add a few drops of dilute K4Fe(CN)6 solution. A reddish 
brown color due to Cu2Fe(CN)6 identifies copper. Care must 
be taken not to add an excess of the reagent, otherwise white 
Cd2Fe(CN)o willTorm. 

Identification of Cadmium. The only test by which cadmium 
can be recognized is the formation of yellow cadmium sulfide. 
Since under the present conditions copper is also present, the 
precipitation of black CuS obscures the cplor of CdS. Accord- 
ingly CuS is prevented from precipitating by the use of KCN. 
This reagent suppresses the concentration of the copper ion to 
such an .extent that, when H2S is added no black siilfide of copper 
can form. 

In carrying out this test use utmost care with KCN, since this 
reagent is a violent poison. Carry out the test under the hood. 
Proceed as follows: 

Add KCN to the deep blue solution until the color is discharged 
and the precipitate which first forms dissolves in the excess of 
reagent. Then saturate the solution with H2S. Under thes(^ 
conditions copper does not precipitate but cadmium doe.s as 
yellow CdS. If this sulfide precipitate is dark-colored, treat it 
with 3 ml. of 1:4 H2SO4, filter, dilute the filtrate to about 50 ml. 
and pass in H2S. A yellow precipitate shows the presence of 
cadmium. 

See the preliminary experiments with KCN for an explanation 
of the above test for cadmium in the presence of copper (page 143 ). 

The Ions of Division B, Group II 
ARSENIC, As+++ AND As+++++ 

Arsenic forms two series of compounds : the arsenious, in which 
the element is trivalent, and the arsenic, in which the element 
is pentavalent. These compounds may be considered as being 
derived from the two oxides, AS2O3 and AS2O5. Moreover, these 
oxides are somewhat amphoteric and hence give rise to salts in 
which the element may be either in the cation or in the anion 
form.. Thus the trivalent forms may be such compounds as 
AsCla and H3ASO3 or HASO2 whereas the pentavalent forms 
are such compounds as AsCl^and H3ASO4. 
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The arsenious test solution supplied in the laboratory contains 
arsenic in its trivalent forms. It can be prepared by treating 
AS2O3 with dilute HCl. Arsenic trioxide dissolves to a limited 
extent in water, according to the equation : 

AS2O3 “b 3H2O = 2II3ASO3 

The product formed, here written as orthoarsenious acid, is an 
amphoteric substance and may also be assigned the formula 
As (0H)3 . As a tribasic acid, this substance ionizes in three stages, 
as shown by the equations : 


H3ASO3 H+ + H2As03' 

H2As03” HAs03^ 

HAs 03 = H+ -b AsOs- 

giving rise to the three anions in decreasing concentrations. 

Furthermore, by the loss of a molecule of water from the ortho 
form, meta-arsenious acid, HASO2, is formed : 

H3ASO3 HAsOa + II2O 

Meta-arsenious acid is a weak monol)asic acid which, by under- 
going slight dissociation, produces the meta-arsenite ion: 

HAsOz ^ H+ -b As 02 ' 

Although these four anion forms may exist in an arsenious so- 
lution, the undissociated HASO2 undoubtedly predominates. 
Moreover, acidification of an aqueous solution of the oxide in- 
creases the solubility of the oxide and promotes the formation of 
the cation in the form of ionized AsCls. 

H3ASO3 + 3 H+ -b 3 Cr ^ As+++ -b 3 Cr -b 3H2O 

Since this reaction is reversible, a solution of AS2O3 dissolved in 
HCl contains the several anion forms as well as HASO2 and 
As+++, the relative amounts depending on the concentration of 
the HCl present. 

The test solution containing pentavalent arsenic may be made 
by dissolving arsenic pentoxide in water: 


AS2O5 “b 3H2O = 2H3AS04 
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forming arsenic acid, which may, like H3A8O3, undergo ioniza- 
tion in three stages, thus: 

H3ASO4 H+ + H2ASO4 ■ 

H2ASO4" + HASO4- 

HAs 04 “ ^ H+ -f As 04 ^ 

Such a solution consists chiefly of the H2A804~ ion but con- 
tains a certain, though small, concentration of HAs04“ and a 
still smaller concentration of the orthoarsenate, ASO4-, ion. 

The reactions of arsenic with hydrogen shlfidc are extremely 
important and the best conditions for the precipitation of the 
sulfides of arsenic must be clearly understood if trouble is to be 
avoided. If H2S is passed into a solution containing arsenic in 
its trivalent forms, the solution being first acidified with HCl 
(2.5 ml. of concentrated HCl per 50 ml. of solution), an imme- 
diate and rapid precipitation of yellow arsenious sulfide, AS2S3, 
results. Since the arsenic is present almost entirely in the form 
of HASO2 the reaction is best shown by the equation: 

2HASO2 + 3H2S = AS2S3 + 4H2O 

If the arsenious solution is too weakly acid with HCl, the 
sulfide will not precipitate and coagulate; instead colloidal 
AS2S3 will form and produce a yellow turbidity. 

With solutions containing the arsenate (pentavalent) forms, 
the cfiect of H2S is more varied, depending upon the conditions 
of acidity and temperature. 

These conditions may bo summarized as follows: 

1. If hydrogen sulfide is passed into a cold solution of an 
arsenate containing a very large excess of concentrated hydro- 
chloric acid, the arsenic is precipitated mainly as the yellow 
pentasulfide, AS2S5: 

H3ASO4 + 5H2S = AS2S5 + 8H2O 

2. If, under the same condition of high acidity, the solution 
is heated and H2S is passed in, some of the arsenic is precipitated 
directly as AS2S5 and some is first reduced by the H2S to HASO2 ^ 


H3ASO4 + H2S = HAsOa + S + 2H2O 
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and then precipitated as AS2S3 : 

2HAs02 + 3H2S = AS2S3 + 4H2O 

and there will result a mixture of AS2S5, AS2S3 and S. 

3. If the acidity is only moderate (2.5 ml. of concentrated 
HCl per 50 ml. of solution) and the solution is cold, the arsenate 
is slowly reduced by the H2S and only after a long time will there 
be formed a precipitate consisting of the trisulfide. 

4. If a reducing agent such as ammonium iodide is added to a 
moderately acidified solution of an arsenate and then H2S is 
passed into the solution, there will be a rapid precipitation of 
AS2S3. The reduction of the arsenate solution by NH4I may be 
shown by the equation : 

H3ASO4 + 2r + 2H+ = HASO2 + I2 + 2H2O 

Arsenic pentasulfide is soluble in ammonium polysulfide sulfide, 
according to the equation : 

AS2S5 + 3S“ = 2AsS-4 

forming the complex thioarsenate ion, analogous to the ASO4® 
ion, in which sulfur has replaced oxygen in the anion. 

Arsenic trisulfide likewise dissolves in this reagent, the arsenic 
being at the same oxidized, forming the thioarsenate ion, iden- 
tical with that formed from the pentasulfide. The equation for 
this reaction may be derived on the basis of the following consid- 
erations. The oxidizing agent is probably the disulfide ion, 
82"', present in the polysulfide reagent. This may be considered 
as being reduced to the monosulfidc ion: 

82“ + 2e = 28" (1) 

The AS2S3 is converted into the thioarsenate ion as indicated in 
the equation : 

AS2S3 + 58- = 2 As 84“ + 4e (2) 

As a net result we have, multiplying equation (1) by 2 and 
adding the two equations: 

AS2S3 + S“ + 282 “ = 2AsS4® 

This equation, regarded from a molecular standpoint, would 
be written: 

AS2S3 + (NH4)2S + 2(NH4)2S2 = 2(NH4)3As84 
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When a solution of thioarsenite is acidified with dilute HCl, 
AS2S3 precipitates. Likewise when a thioarsenate solution is 
acidified with dilute HCl, the pentasulfide precipitates and H2S 
is evolved : 

2 AsS 4^ + 6H+ = AS2S5 + 3H2S 

The sulfides of arsenic are also soluble in hot, concentrated 
HNO3. In the case of AS2S3 the arsenic is oxidized to the arse- 
nate form and NO2 is evolved, the sulfide ion being oxidized 
either to free sulfur or to SO4**. 

In the case of AS2S5, the products are H2ASO4-, S, NO2 and 
water. The balancing of the equation for the action of concen- 
trated HNO3 on AS2S5 is accomplished as follows. The nitrate 
ion is the oxidizing agent and is reduced to NO2, requiring one 
electron for each N03~ reduced: 

N03' + 2H+ + le = NO2 + H2O (1) 

The other half-cell reaction is the oxidation of the 5 sulfide 
ions to free sulfur: 

5S“ = 5S® -I- lOe 

and this, combined with the formation of H2As04~, which re- 
([uires 4 oxygen atoms for each atom of arsenic, results in the 
equation : 

AS2S5 + 8H2O = 2H2ASO4" -b 12H+ -f 5S + lOe (2) 

Obviously, to balance electrons, equation (1) must be multiplied 
by 10, and we have : 

10N03~ + 20H+ -f- 10c = IONO2 + IOH2O 

AS2S6 + 8H2O = 2H2ASO4" 4- 12H+ -b 5S 4- lOe 

AS2S5 + 10N03~ + 8H+ = IONO2 + 2H2O + 2H2ASO4" 4 - ^ 

Arsenites are reducing agents and are oxidized by a number of 
oxidizing substances. The reaction with iodine is an important 
one since, as we shall see later in the study of anions, it is em- 
ployed to distinguish or detect arsenites in the presence of 
arsenates. The reaction is: 


As 02 4" 2H2O "b I2 ~ H2ASO4 4" 21 4" 2H'^ 
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Arsenates act as oxidizing agents toward certain substances 
as, for example, H2S, as already shown. The reaction toward the 
iodide ion : 

H 2 As 04 “ + 2 r + 2 H+ = AsOa’ + 2H2O + I2 

is, as will be observed, the reverse of the reaction of arsenites 
toward I2. In fact, the two equations just given reveal an inter- 
esting reversible reaction. The latter equation represents the 
test for an arsenate in the presence of an arsenite, as conducted 
in the anion procedure. 

For identifying tests for the arsenate ion, as applied in the 
cation procedure, there are three important reactions. These are: 

1. Silver nitrate, in a neutral solution will precipitate chocolate- 
colored silver arsenate : 

3 Ag“*" "b As 04 “ = Ag 3 As 04 

2. Magnesia mixture (a mixture of MgCl2 and NH4OH, buf- 
fered by NH4CI) forms a white, crystalline precipitate of mag- 
nesium ammonium arsenate: 

Mg++ -b NH4+ + ASO4" = MgNH 4 As 04 

3 . Ammonium molybdate, in a warm, nitric acid solution, 
reacts to form a bright yellow, finely divided precipitate known 
as ammonium arseno molybdate : 

As 04 "^ + 12 Mo 04 “ + 3NH4+ -b 24 H+ = 

(NH4)3As04T2MoQ3 + I 2 H 2 O 

In molecular form this equation is written : 

H3ASO4 + 12(NH4)2Mo 04 + 2IHNO3 = 
(NH4)3As04l2Mo03 + 2INH4NO3 + I2H2O 

Reactions analogous to (2) and ( 3 ) take place with the phos- 
phate ion but not with the arsenite ion. 

PRELIMINARY EXPERIMENTS 

1 . Precipitation and Properties of AS2S3 and AS2S6. (a) To 

5 ml. of arsenite test solution add 2.5 ml. of concentrated HCl, 
dilute to 50 ml. and pass in H2S. Note the color of the sulfide 
formed and write the equation. Reserve the precipitate for 
further experiments. 
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(6) Repeat the experiment using the arsenate test solution. 
Is there an immediate precipitate formed? Heat the solution 
and again pass in HgS. What is formed? 

(c) Dilute 5 ml. of arsenate test solution to 45 ml. with water, 
add 2 ml. of ammonium iodide reagent and acidify with 2.5 ml. 
of concentrated HCl. Show what happens by writing the equa- 
tion. Then pass H2S into this reduced solution. What forms? 
Give the equation. 

Action of Ammonium Polysulfide on AS2S3. Filter off the 
AS2S3 obtained in (a) above, transfer it to a small dish and treat 
it with a few milliliters of (NH4)2S2, stirring until solution takes 
place. In what form is the arsenite now? Give the equation. 

Acidify the solution containing the thioarsenate with dilute 
HCl. What is the precipitate which forms? 

AS2S5 is insoluble in concentrated HCl. Dissolve it by treat- 
ing with concentrated HNO3. Show how the equation is 
balanced. 

2. Tests for the Arsenate Ion. Perform the following experi- 
ments, which reveal the properties upon which identifying tests 
for arsenic arc based, 

(а) To the solution obtained by dissolving AS2S5 in nitric acid, 
add NH4OH until the solution is neutralized as shown by litmus 
paper, and then add some silver nitrate reagent. What color is 
silver arsenate? Write the equation. 

(б) To a solution of an arsenate, add an equal volume of mag- 
nesia mixture. If precipitation does not rc.sult at once, shake 
the tube vigorously and set aside for furthpr observation . De.scribe 
the precipitate and give the equation for its formation. 

(c) Add dilute HNO3 to a few milliliters of arsenate test solu- 
tion, add ammonium molybdate and warm but do not boil. 
What is the finely divided yellow precipitate? This is an im- 
portant reaction and the balancing of the equation should be 
mastered. 


ANTIMONY, Sb+++ AND 

Antimony, like arsenic, forms two series of compounds, the 
trivalent or antimonious, and the pentavalent or antimonic. Th(' 
two important oxides, Sb203 and Sb205, are amphoteric and both 
yield, like the corresponding oxides of arsenic, two types of com- 
pounds in which the element may exist in either cation or anion 
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form as, for example, SbCls and HaSbOs, representing trivalent 
forms, and SbCls and H3Sb04, typical of the pentavalent types. 
Antimony salts are easily hydrolyzed like those of bismuth and 
tin; they yield insoluble compounds. 

Among the trivalent forms, SbCls and 85283, are the most 
important salts from an analytical standpoint. SbCla, when 
treated with water, readily hydrolyzes to 8bOCl: 

8bCl3 + HOH = SbOCl + 2Cr + 2H+ 

SbOCl is antimonyl chloride, sometimes called antimony oxy- 
chloride, and contains the antimonyl, SbO, group. The test 
solution containing the trivalent ion is made by adding sufficient 
HCl to SbCla to i)revent hydrolysis to SbOCl. The antimonyl 
ion unites with a number of organic anions to form stable organic 
complexes; for example, with the tartrate ion, (Sb0)CUH406" 
ions arc formed, in this way preventing the precipitation of 
antimony compounds. In a solution of SbCla containing a large 
amount of concentrated HCU, the antimony probably exists as 
SbCle"^, the chloroantimonite ion. 

The important pentavalent compounds are SbC-ls, SbaSs and 
orthoantimonic acid, H 3 Sb 04 . The latter results when SbClr, 
(iomplettdy hydrolyzes : 

SbClr, + 4HOH = H 3 SbQ 4 + 5H+ + 5Cr 

Roth SbaSa and Sb2Sr, arc; orangevred in color and are readily 
precipitated when H2S is passed into solutions of SbC’ls and 
SbCls, respectively, provided these solutions arc not too strongly 
acidified. 

Both sulfides dissolve in ammonium polysulfidc to form the 
thioantimonate ion. In the case of Sb2Sr„ the complex thio-ion 
forms dirc'ctly : 

SbaSs + 3 S“ = 2 SbS 4 "^ 

In the case of SboSa, however, the antimony is oxidized to the 
IDentavalent state, forming the thioantimonate ion. As with 
arsenic trisulfide, the oxidizing agent is probably the disulfide* 
ion, 82“, this half-cell reaction doubtless being; 

S2” -j- 2e = 2 S“ 

The oxidation of Sb2Sa and conversion into SbS4“ may be rep- 
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resented by the equation 

SbaSa + 5S“ = 2SbS4“ + 4e 

giving 

SbsSa + 282“ + S- = 2 SbS 4 - 

Acidification of a thioantimonatc solution results in the pre- 
cipitation of Sb 2 S 5 : 

2SbS4"= + 6H+ = SbaSs + SHaS 

Both sulfides are soluble in concentrated HCl, forming Sb'*'++. 
In the case of the pcntasulfide, the dissolving is accompanied by 
reduction of the Sb+*^++‘'' to Sb'''^+ and liberation of sulfur: 

SbaSs -f GH+ = 2 Sb-t++ -f 3H2S -f ^ 

Antimonic salts art* reduci'd by iodides such as NH4I to the 
Iri valent stab;; the ioilide ion is oxidized to 1 2. 

Metals standing above antimony in tlu' (electromotive series 
will reduce the ions of antimony to tluj metallic condition. With 
aluminum, the Sb forms a black, spongy (k'posit. This redox 
reaction is resolved into ; 

Al» = A1+++ + 3e 

% 

Sb+++ -f 3c = Sb° 

Al" -f Sb+++ = Al-'++ + Sb® 

' By using a Zn-Pt couple, the deiiosited Sb appiears as a black 
stain on the surface of the bright platinum. The stain is insoluble 
in .sodium hypochlorite. The n'diuetion of antimony to tlue 
metallic state is a common tt\st for this clement. A further, con- 
firmatory test is that carri(ed out by the dyestuff, rhodaminc-B. 
This test is dt'seribed below. 

PRELIMINARY EXPERIMENTS 

1. Precipitation and Properties of Sb 2 S 3 and Sb 2 S 5 . (o) To 

5 ml. of SbCla test solution, add 2.5 ml. of concentrated HCl, dilute 
to 50 ml. and pa.ss in H 2 S. Note the color of the sulfide; formed 
and write the equation. Reserve the precipitate for further 
(‘xperiments. 
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(6) Repeat the experiment using a solution of SbCls. What 
forms? Write the equation. 

Action of Ammonium Poly sulfide on Sb2Ss. Filter off the 
Sb2S3 obtained in 1(a), transfer it to a small dish and add some 
(NH4,)2S2, warming if necessary to dissolve the precipitate. 
What has formed? Compare the result with that obtained with 
AJS2S3. Record the equation for the reaction. 

Add concentrated HCl to the solution just obtained. In what 
form is the antimony now? Account for the formation of sulfur. 
Show how this redox reaction is balanced. 

2 . Separation of Antimony from Tin. Take 5 ml. of SbCla test 
solution, add 10 ml. of concentrated HCl, dilute to 50 -ml. and heat 
almost to boiling. While hot pass in H2S for 5 minutes. Sb2S3 
precipitates, but under the same conditions tin sulfide will not 
precipitate. This constitutes a method for the separation of 
antimony from tin. 

3 . Reduction of Antimony. To 2 ml. of SbCls test solution add 
a few pieces metallic aluminum in the form of chips, turnings or 
wire. Warm if necessary to start the reaction. What is the 
black spongy deposit? Explain the action of Al. 

4 . Rhodamine-B Test. The dyestuff, tetraethyl rhodamine, 
better known as rhodamine-B, forms a violet color with penta- 
valent antimony. To conduct this test the trivalent antimony 
.solution must first be oxidized. Proceed as follows: Place not 
more than 1 ml. of test solution in a test tube, add some crystals 
of KNO2 and several drops of concentrated HCl. After effer- 
vescence has ceased, add several drops of the dye reagent. A 
distinct color change from bright red to violet will be observed. 

TIN, Sn++ AND Sn++++ 

The element tin exists in two states of oxidation: one, the 
stannous, in which tin is divalent and the other, the stannic, in 
which tin is tetravalent. The compounds of tin may be con- 
sidered as derived from SnO and Sn02, respectively. These 
oxides are amphoteric and hence yield salts in which the tip may 
be present either as cation or anion just as in the case of antimony 
and arsenic. The commonest salts are stannous chloride, SnCl2' 
and stannic chloride, SnCU. Like antimony and bismuth, the 
salts of tin are readily hydrolyzed, precipitating insoluble com- 
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pounds. The chlorides for example react in the following way: 

Sn-H- + 2Cr + HOH = Sn(OH)Cl + H+ + Cl" 

Sn++++ + 4 cr + 4 HOH = Sn(OH)4 + 4 H+ + 401 " 

It is to prevent hydrolysis that the test solutions used in the 
laboratory are acidified with HCl. 

In a solution of SnCl2 containing a large amount of concen- 
trated HCl, the tin probably exists as the chlorostannite, SnCU"", 
ion rather than as Sn''~^; likewise, in a solution of SnCU containing 
considerable HCl, there is probably present the chlorostannate 
ion, SnCle”. 

Stannous hydroxide, Sn(0H)2, precipitates when NaOH or 
NH4OH is added to a SnCl2 solution. The hydroxide is soluble 
in an excess of strong base forming the stannite ion : 

Sn(0H)2 + 20 H" = Sn02“ + 2H2O 

The stannate ion, SnOu”, forms in the same way, when a 
stannic solution is treated with an cxcivss of NaOH. It is also 
formed when the. stannite ion is oxidised, as in the test for 
bismuth. 

From solutions containing stannous tin, H2S will precipitate 
brown stannous sulfide: 

Sn++ -h S“ = SnS 


Stannic sulfide is yellow and is formed when a stannic .solution 
is treated with H2S : 

Sn++++ + 2 S” = SnS2 

Both SnS and SnSa dissolve in ammonium polysulfide to form 
the thiostannate ion. With SnS2 the reagent forms directly the 
complex ion : 

SnS2 + S“ = SnS 3 “ ' 


With SnS, however, the Sn is oxidized to the stannic state 
with the formation of the thiostannate ion. The reaction is 
similar to those taking place with AS2S3 and Sb2S3 and may be 
written thus: 


SnS -f 82“ = SnS3- 
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When a solution containing SnSa" is acidified with dilute HCl, 
stannic sulfide is precipitated 

SnS:r + 2H+ = ^ 

A similar behavior is shown, it will ho rocallod, by the thioarsenatc 
and the thioantimonate ions. 

Stannic sulfide is also soluble in concentrated HCl: 

SnSa + 4H+ + 4Cr = Sn++++ + 4Cr + 2 H 2 S 


Comparing the action of concentrated HCl h(;rc with its action on 
Sb 2 Sr, it will be remembered that, in the latter, the dissolving of 
the pcnta.sulfide is accompanied by a reduction of the antimony to 
Sb+++. Further, As 2 Sr, is not attacked by concentrated HCl. 
These differences are of importance in the scheme of separation. 

The readiiM'ss with which th(! ions of tin arc oxidized and reduced 
are important properties of this element. 

Stannous solutions arc strong reducing agents; in this connec- 
tion the test for bismuth which uses a solution of sodium stannitc 
should be recalled; in this test Bi+++ is reduced to the metallic 
form and the stannitc ion becomes oxidized to the stannate form. 

Metals which stand above tin in the electromotive series will 
either displace tin from its solutions or else reduce Sn++++ to Sn"*^. 
Metallic zinc, for example, if placed in a stannous chloride solution, 
will reduce the ion to metallic tin. This redox reaction may be 
written thus: 

Sn++ + 2e = Sn« 

Zn® = Zn++ 4- 2e 
Sn++ -h Zn*^ = Sn -+• Zn++ 

This reaction is sometimes employed as a test for tin. 

Metallic iron, such as an iron nail, will reduce the stannic to 
the stannous form; the equation is balanced by the half-cell re- 
actions: 

Fe° = Fe'*^' + 2e 
Sn++++ +2e = Sn++ 


Sn++++ + Fe® = Sn++ -f Fe++ 
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Mercuric chloride is reduced by SnCl2, first to Hg2Cl2, which is 
then reduced to Hg. This constitutes one of the tests for tin; it 
will be recalled that, conversely, this reaction is the test for mer- 
cury. The reaction has already been discussed under “ Mercury,” 
page 123 . 


PRELIMINARY EXPERIMENTS 

1. Precipitation and Properties of SnS and SnS 2 . Place 5 ml. 
of SnCl2 test solution in a beaker, <lilute to 100 ml. and pass in 
H2S. Note the color of the precipitate. Write the eejuation. 
While the precipitate is being filtereil, repeat the experiment with 
5 ml. of SnCl4 tost solution. Note the color of the precipitate, 
write the equation and filter off the 81182- 

Action of Ammonimn Polysulfide on the Sulfides of Tin. Treat 
the 8nS and 8082 with (NIl4)282. In what form Ls the tin in the 
filtrate from the 8118? Write the equation. likewise, write the 
equation for the action of (NH4)282 on 81182. 

Combine the two filtrates containing the thiostannate ions and 
acidify with dilute HCl. What is the yi'llow precipitate which 
forms? Give the eciuation. 

Action of Concentrated IICl on SnS2. Filter off the precipitate 
obtained in the above" experiment, wash >thoroughly and then treat 
it with concentrated HC’l. C’oml)ar(^ tin* action lu're with the coi- 
responding experiments with AS285 and 81)28, r,. 

2. Reduction of Tin Salts. To 2 ml. of 8n( 'I4 solution, acidified 
with HCl, add an iron nail. To what is the ion n'duced and tin* 
iron oxidized? 8how this l).y a redox equation. 

3. Mercuric Chloride Test for Tin. 'fo the stannous chloride 
solution obtained in experiment 2 add ngCl 2 reagiint. Note how 
the color of the precipitate changes as the reagent is gradually 
added. Give the equations. 

4. Flame Coloration Test. Place about , 1 ml. of stannous 
chloride solution in a small dish; add a small quantity of dilute 
HCl and a piece of zinc. Place .some cold water in a crucible and, 
after action of the acid with the test solution has proceeded for 
.some time, pick up the crucible with a pair of tongs, immerse it in 
the test solution and then hold it in the practically colorle.ss flame 
of a burner. Where the flame impinges upon the lower part of the 
crucible, there will be observed an intense, blue-colored flame. 
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REVIEW EXERCISES — SET 12 

1. Give formulas for the several ions derived from (a) tri valent and penta- 
valent arsenic; (6) tri valent and pentavalent antimony and (c) stannous and 
stannic tin. 

2. Assemble the equations for the reactions which take place during the 
precipitation of the sulfides of arsenic, antimony and tin when test solutions 
are treated with H2S. 

3. Write the equations showing how AS2S3, AS2S5, Sb2S3, Sb2S5, SnS and 
SnS2 dissolve in (NH4)2S2. 

4. Show the result of acidifying solutions containing (NH4)3AsS4, 
(NH4)3SbS4 and (NH4)2SnS3 with dilute HCl, by writing the corresponding 
equations. 

6 . Compare the behavior of AS2S5, Sb2S5 and SnSo toward concentrated 
HCl by giving the proper equations for the reactions. IIow, then, would 
you separate arsenic from antimony and tin? 

6 . What are three tests for arsenic? Give the equations for the reactions, 
together with the color and nature of the products formed with the test 
reagents. 

7. What difference in property of the metal may serve to separate 
antimony from tin? Explain the action involved. 

8. Describe two tests for antimony and two for tin. 

9 . Under what conditions is arsenic best ])recipitated as a sulfide? Tin? 
Cadmium? 

10. Carefully review the preliminary experiments and assemble, in the 
form of equations, the instances in which each element is either oxidized or 
reduced. 

Outline of Method of Analysis of this Subgroup 

Summarizing the properties of arsenic, antimony and tin as re- 
vealed in the preliminary experiments and review exercises it ap- 
pears that: 

1. By due care in regulating the acidity, volume of solution and 
temperature, the sulfides of arsenic, antimony and tin are precipi- 
tated by H2S. 

2. These sulfides dissolve in ammonium polysulfide to form the 
complex thio-ions, namely ASS4", SbS4= and SnSa”. 

3 . Acidification of the solutions containing these ions with dilute 
HCl results in the reprecipitation of AS2S5, Sb2S5 and SnS2. 

4 . By the action of concentrated HCl, Sb2S5 and SnS2 are dis- 
solved but AS2S5 is not; this furnishes the means of separating 
arsenic from antimony and tin. 

5 . AS2S5 may be dissolved in concentrated HN O3 and the arsenate 
ion thus formed may be identified by the use of either AgNOa, 
magnesia mixture or ammonium molybdate. 
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6. Antipaony may be separated, if desired, from tin by a care- 
ful control of the sulfide-ion concentration, under conditions in 
which Sb 2 S 3 may precipitate and the sulfides of tin may not. 

7. Identifying tests for antimony and tin are described in the 
preceding experiments. 

Practice Analysis of a Mixture Containing Arsenic, 
Antimony and Tin Ions 

The separation and detection of arsenic, antimony and tin present 
more experimental difficulties than the other cations. The condi- 
tions of precipitation, subdivision and final identification must be 
precisely regulated, and more than usual care and experience are 
necessary for successful results. For these reasons, in the pro- 
cedure for the anal 3 '^sis of a known mixture which follows, the condi- 
tions encountered in the analy.sis of unknown samples are adhered 
to as closely as possible. 

Group Precipitation. Prepare a mixture containing arsenic, 
antimonous and stannic ions by taking 5 ml. of each of these test 
solutions. Neutralize the solution with dilute NH4OH, add ex- 
actly 2.5 ml. of conccnti'ated HCl, add NH4I, transfer to a measur- 
ing cylinder and dilute to 50 ml. Heat the solution almost to 
boiling and pass in II 2 S for 5 minutes. Then cool and dilute to 
100 ml. and again pass in H 2 S. 

The purpose of the ammonium iodide is to reduce the arsenic 
to the arsenious condition, in which condition the precipitation 
with H 2 S is more rapid. 

The precipitation reactions are: 

2HAs02 + 3 HaS = AS2S3 -f 4H2O 
2Sb+++ -}- 3S- = Sb2S3 
Sn++++ -1- 2S” = SnS2 

Filter off the precipitate, washing twice with a few milliliters of 
water. Discard the filtrate and washings. Transfer the precipi- 
tate to a small beaker, add 10 ml. of ammonium polysulfide, warm 
and stir. When the precipitate has dissolved, add 10 ml. of water 
and filter off the residue of sulfur. 

In order to reprecipitate the sulfides, so that their further separa- 
tion can be effected, add enough dilute HCl to neutralize the solu- 
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serve the intense bluish color of the flame along the margin of the 
unglazed bottom of the crucible. 

Application of Theory to the Analysis of this Group 

In this, more than in any other cation or anion group, there are 
abundant examples of practically every fundamental principle and 
phenomenon involved in qualitative analysis. Outstanding among 
these is the classic example of common-ion effect, encountered in 
the precipitation of sulfides. Phenomena of complex-ion forma- 
tion, amphoterism, hydrolysis, oxidation and reduction are abun- 
dantly illustrated. These are discussed in detail below. 

Theory of the Sulfide Precipitation. If H 2 S is passed into neutral 
solutions containing ions such as Hg++, Cu"*"^, Mn++, Fc++, Zn++, 
the corresponding sulfides will be formed ; some of the sulfides, it 
is true, will precipitate more rapidly than others, but eventually 
all will be precipitated. If, however, the solutions are first acidified 
with HCl in the proportions of 2.5 ml. of concentrated HCl per 
100 ml. of solution, and then H 2 S is pa.ssed in, only the sulfides 
of Group II will be precipitated. These facts form the basis for 
the separation of Group II from Group III. 

To explain the action of H 2 S as a precipitating agent under these 
conditions, the following three points must be considered : 

1. The ionization of H 2 S. 

2. The solubility product constants of the sulfides of these two 

groups. 

3. The effect of a common ion on the H 2 S equilibrium. 

1 . The Ionization of H 2 S. Hydrogen sulfide is a weakly ionized, 
dibasic acid. It dissolves to some extent in water, forming at 
room temperatures a solution which is about 0.1 M. It ionizes 
in two stages, forming first H'*' ions and hydrosulfide, HS", ions: 

H 2 S + HS" (primary ionization) 

(dissolved) 

The hydrosulfide ions further ionize to a slight extent into sulfide 
ions and hydrogen ions, according to the reaction: 

HS" H"^ + S“ (secondary ionization) 

The primary and secondary ionization constants of H 2 S and the 
concentrations of hydrogen ion, hydrosulfide ion and sulfide ion 
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which can exist in equilibrium with dissolved non-ionized H2S 
have been determined by experiment. It has been found that in 
a liter of saturated solution of H2S dissolved in water at 25° C. 
the concentrations are respectively 0.95 X 10""* gram-ion of hy- 
drogen ion, 0.95 X 10“* gram-ion of hydrosulfide ion, 1.2 X 10“*® 
gram-ion of sulfide ions and 0. 1 gram-mole of H2S. If we combine 
the equilibrium expressions for the primary and secondary ioniza- 
tion of H2S, namely : 


Ch* X Chs- 
C'hjS 


= Kx (primary) 


and 


Ch+ X Cg- 


C'hs- 


= K. 


(secondary ) 


we obtain the expression : 


(C'ii+)^ X Cq- 


C'hjS 


= X3 (ionization constant of H2S) = 1.1 X 10 


Since, however, we are mainly interested in the amount of sulfide 
ion which is available for the precipitation of sulfides, and in the 
amount of H+ ion which can be regulated at will, it is more con- 
venient to rewrite the abovc^ expix'ssion in the form of the product 
of the ions by transposing the factor Ch^s. which is practically 
constant (0.1 gram-mole). The product of the square of the hy- 
drogen-ion concentration and the sullide-ion concentration be- 
comes : 

(ChO^ X Cs- = l.l X 10“2‘ X 0.1 = 1.1 X 10“2» 


In a liter of saturated llaS the value of H+ is, as already stated, 
0.95 X 10“*, and for S”* it is 1.2 X 10“*®. Inasmuch as the above 
product represents an equilibrium condition, the value of 1.1 X 
10“^^ will always be maintained, though the concentration of H'*' 
or S" may be varied at will. If the ion concentration is greatly 
increased by the addition of a strong acid like HCl, the S" ions in 
equilibrium must greatly decrease; or, if the H+ ions are practically 
removed by the addition of a base like NH40n, the S” ion con- 
centration becomes enormoas. 

2. Solubility Product Constants of Sulfides. In order for a precip- 
itate of any sulfide to form, the product of the ion concentration 
of the cation and that of the sulfide ion must exceed the value of 
the Kg,p, of the sulfide in question. The solubilities in grams and 
in moles per liter and the solubility product constants for a number 
of sulfides are given in Table XI. 
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TABLE XI 


Sulftde 

Solubility in 
Grams per Liter 

Solubility in 
Moles per Liter 

Solubility Product 
Constant (K8.p.) 

HgS 

1.5 X 10-24 

6.4 X 10-22 

4.1 X 10-®2 

CuS 

8.8 X 10-21 

9.2 X 10-22 

8.5 X 10-1® 

CdS 

8.6 X 10-12 

6.0 X 10-1® 

3.6 X 10-29 

PbS 

4.9 X 10-12 

2.0 X 10-1^ 

4.0 X 10-2* 

ZnS 

;i.3 X 10-1® 

3.4 X 10-12 

1.2 X 10-22 

FeS 

3.4 X 10-® 

3.9 X 10-1® 

1.5 X 10-19 

MnS 

3.3 X ur® 

3.8 X 10-2 

■ 1.4 X 10-1® 


These data have l)een collected from various sources. Data for 
the other insoluble sulfides of the metals either have not been deter- 
mined or else are unreliable. Data for CoS and NiS are frequently 
given in solubility product tables, but the values are for allotropi(! 
forms of these sulfides and are not comparable to the values for 
other sulfides given in Table XI. 

Recalling the fact that the constants represent solutions sat- 
urated with respect to the metallic and sulfide ions and using such 
concentrations of metallic ions as are emi)loyed in the test solutions, 
a sufficient sulfide-ion concentration from the ionization of HoS 
can be maintained to exc(H'd the vahu' for the respective solubility 
product constants. The extrcnu^ly small values for the constants 
for HgS and C-uH, for instance, are quickly n'aclu'd and exceeded; 
whereas, by using test solutions of the same strength for, say, zinc 
and manganc'se, relativ('ly much greater conci'utrations of sulfide 
ion are recpiired for saturation and svd)se(juent lirecipitation of ZnS 
and MnS. It is convenient for the analyst to make a separation of 
the suHides into two main groups (Group II and Group III). This 
is done by regulating the amount of ion available for precipita- 
tion, and is accomidishcd by the common-ion effect. 

3 . The Effect of the Common Hydrogen Ions on the H2S Equilib- 
rium. The condition to be adjusted to bring about a division of 
the sulfides into two groups is to limit the amount of S“ ion which 
can exist in eciuilibrium with non-ionized H2S, and this in turn is 
brought about by increasing the H”*" ion concentration through the 
addition of HCl. The order in which the sulfides are precipitated 
by successively decreasing the amount of HCl added (decreasing 
the amount of common ion) is: AS2S3, HgS, CuS, Sb2S3, Bi2S3, 
SnS2, CdS, PbS, SnS, ZnS, CoS, NiS, FeS, IMnS. 
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For practical analytical purposes it is best to precipitate the 
sulfides of arsenic, antimony and tin, mercuric mercury, copper, 
bismuth, cadmium and lead' and treat these as Gi-oup II. The 
cations of zinc, iron, nickel, cobalt, manganese, together with alu- 
minum and chromium, are then left in solution to be later precip- 
itated under conditions of high S" ion concentration and treated 
as Group III. The proper condition of acidity (H+ ion concen- 
tration) to effect the precipitation of Group II sulfides and at the 
same time to prevent the precipitation of Group III sulfides, is 
attained by adding 2.5 ml. of concentrated HCl to the solution, 
which is finally diluted to 100 ml. This corresponds to about a 
0.3 M solution. Neglecting the small concentration of ion 
already associated with H 2 S, the new H"* coiKientration is 0.3. 
The new S“ concentration can be (calculated as follows : 

(0.3)2 X Gs- - ].] X 10-2=^ 

Therefore, Cg- = 1.2 X IO -22 

This extremely small concentration of ionic sulfur is still sufficient 
to cause precipitation of the metallic ions included in Group II. 

Summarizing, the theory of the sulfide precipitation can b(c 
stated thus : By the repression of the sulfide ions through the ad- 
dition of common ions the solubility product constants are ex- 
ceeded only in case of the cations of Group II. 

Complex-Ion Formation. The formation of complex ions is also 
of considerable importance in the procccdure of anal y. sis. The bo 
havior of arsenic, antimony and tin to form the complex metal- thio 
ions, namely, AsS 4 “, SbS,i“ and SnSs”, through the action of 
(NH 4 ) 2 S 2 on the sulfides of this subgroup is utilized to separate 
this subgroup from Division A. These complex thio ions are rel- 
atively unstable. 

The method of separation of bismuth from copfxcr and cadmium d(!- 
pends upon the formation of the cupric ammonia and cadmium am- 
monia complex ions. Moreover, the deep blue color of Cu (NH3 )4‘''+ 
is a strong indication of the presence of copper. Finally, recourse 
is had to the relatively greater stability of the cuprous cyanide com- 
plex ion as compared to tbe cadmium cyanide complex ion in (hdect- 
ing cadmium in the presence of copp(T. 

As already not(^d in the preliminary expcrinaaits, certain salts 
of mercury, bismuth, antimony and tin are subject to hydrolysis. 
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mth the formation of insoluble basic salts. In fact, the hydrolysis 
5f Bids to yield BiOCl constitutes a test for bismuth, and the 
presence of bismuth and antimony in the solution prepared for the 
analysis of Group I is usually revealed b3^'the oxychlorides or 
3xynitrates of these elements. 

Mention may also be made of the amphoteric nature, particularly 
3f arsenic, antimony and tin as these elements undergo a series of 
changes involving cation and anion forms during their precipitation 
separation and identification. 

Redox Reactions. These reactions are of very frequent occur- 
rence. This is to be expected, inasmuch as all the elements of this 
group with the exception of eadmium have more than one valence, 
and all with the exception of cadmium and lead undergo oxidations 
or reductions in the process of analysis. The ions of these elements, 
therefore, in the oxidized state (higher valence) may act as oxidiz- 
ing agents, and the lower-form ions may act as reducing agents. 
Among the reagents employed may be mentioned the oxidizing 
solvents, namely, nitric acid, aqua regia and ammonium poly- 
sulfide; the precipitating reagent, H2S, which exerts a reducing 
effect; concentrated HCl, which acts as a reducing solvent on 
Sb2S5, and KCN, which, though used as a complex-ion forming 
reagent, reduces the copper to the cuprous state. In addition to 
these reagents, whose primary function is not oxidation or reduc- 
tion, stannous chloride, sodium stannite and certain metals are 
employed as reducing agents. 

THE AMMONIUM SULFIDE GROUP — GROUP III 

NICKEL, Ni++ ALUMINUM, A1+++ 

COBALT, Co++ CHROMIUM, Cr+++ 

MANGANESE, Mn++ ZINC, Zn++ 

IRON, Fe++ and Fe+++ 

The cations of this group are those that are precipitated by 
H2S from an ammoniacal solution containing ammonium chloride. 
The precipitating agent is ammonium sulfide, (NH4)2S, formed by 
neutralization of the H2S by the NH4OH. The precipitating ion 
is the S" ion resulting from the ionization of (NH4 )2S. The cations 
included here are: Ni'^"'', Co++, Mn+''‘, Fe"^ and Fe"*^, Zn++, 
AU++ and Cr+++. The group reagent will precipitate NiS, CoS, 
MnS, FeS, Fe2S3, ZnS, together with Al(OH)3 and Cr(OH)3. The 
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julfides of this group are formed only under conditions of rather 
ligh sulfide-ion concentration, since their solubility product con- 
stants are large compared with those of Group II. Hydrolysis 
takes place in the cases of aluminum and chromium, precipitating 
the hydroxides instead of the sulfides of these two metals. 

The first separation of the group precipitate is made by the 
iction of 1 : 9 HCl, in which NiS and CoS are practically insoluble, 
whereas the other sulfides and hydroxides dissolve readily. The 
filtrate from this separation is treated with NaOH and Na202, 
which results in the precijiitation of iron as Fe(OH)3 and of man- 
ganese as basic oxide MnO (OH )2, leaving in the solution aluminum, 
chromium and zinc in the form of aluminate, A102~, chromate, 
Cr04”, and zincate, Zu02“', ions, which are then further separated 
and identified as detailed later. 

NICKEL, Ni++ 

Nickel forms two series of salts, the nickelous, in which the va- 
lence of nickel is -f2, and the nickelic in which the valence of the 
element is -f 3. The divalent compounds are better known and 
much more stable than the trivalent forms. Nickelous salts and 
the Ni'^ ion arc green. Nickelous hydroxide, Ni(OH)2, is light 
green and is converted by strong oxidizing agents into black nick- 
elic hydroxide, Ni(OH);j. The hydroxides are formed when an 
alkali hydroxide, either NaOH or KOH, is added to a solution con- 
taining the nickelous or nickelic ion. 

Ammonia solution when added in equivalent amount to a 
Ni(N03)2 solution produces a greenish piecipitate of the basic 
salt: 

Ni++ + NO3" + OH' = Ni(0H)N03 

An excess of the reagent will dis.solve the pr(!cipitate forming a 
complex ion : 

Ni(0H)N03 -b 4NH3 = Ni(NH3)4++ + OH" -b NOg" 

The complex tetrammono-nickel ion will form directly if the 
ammonia reagent contains a considerable quantity of ammonium 
salt such as NH4CI. Here we have an example of common-ion 
effect, the high concentration of NH4+ so depressing the OH" ion 
concentration that no precipitate can form. 
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Nickclous suHide, NiS, is test precipitated by II2S from solu- 
tions of nickclous salts which arc made alkaline with ammonia. 
NiS is black; it has a tendency to form a brown, colloidal solution. 
The most favorable condition for the precipitation of NiS is from 
an ammoniacal solution containing NH4CI, for which the reaction 
can be written : 

Ni(NH3)4++ + S- = -f 4 NH 3 

NiS is so slowly attacked by dilute HC 4 that it (as well as CoS) 
is not dissolved to any appreciable extent by this solvent; this 
fact furnishes the means of separating NiS (and C'oS) from the 
other members of this group. It is, however, soluble in boiling con- 
centrated HNO3 and in aqua regia, with which it forms NO2 and 
free sulfur. The reaction is written as follows: 

2 (N 03 “ + 2 H+ + Ic = NO2 + H2O) 

NiS = Ni++ -f S + 2c 

NiS + 2 N() 3 “ + 411 + = Ni++ + 2 N ()2 + 2H2O + S 

The. best test for nickel is the reaction with dimethylglyoxim<', 
which forms a flocculent red precipitate of nickel dimethylglyoxime. 
The test is usually conducted with an alcoholic, 10 per cent solution 
of the reagent, in a solution faintly alkaline with ammonia. Tlu' 
reaction may be written in empirical form : 

2[(CH3)2(CN0H)2] + Ni++ + 20ir - 

Ni[ (( 41 ;, )2 (CN on ) (( 'NO )]2 + , 2H2O 

The formation of the nickel comi)ound can la' Ix'st shown by the 
written equation in graphic form. 


CH,— C=NOH 

I 

CH 3 — C=NOH 


CHs— 0=NOH 

I 

CH,— (>=NOH 


CH 3 — C---N 


N=C— CIb 


+ Ni++ + 20H- 


OH 

L 

CH,— C=N 




o o 

Ni 


"I” 2H,C) 

OH ^ 

^1 

N=C— CH, 


See page 86 for a discussion of the structure of this chelate 
compound. 
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This delicate test for nickel is the basis for the best method for 
the quantitative determination of nickel. Cobalt ions do not react 
in thw manner, therefore this reaction is used as a test for nickel 
in the presence of cobalt. 

A bead of fused borax, when touched to a bit of powdered nickel 
salt and held in the oxidizing part of the flame of a Bun.sen bum('r, 
will be colored a reddish brown. Borax, when fused, undergoes 
decomposition, probably according to the reaction : 

Na2B4O7 l0H2O BaO;, -f 2NaB02 + IOH2O 

forming a solid solution of boron trioxide in sodium metaborate. 
The nickel salt, such as Ni(N03)2, likewise decomposes when 
heated to form NiO, which then reacts with the B2O3 to form 
nickel metaborate : 

NiO B2O3 = Ni(B 02)2 

PRELIMINARY EXPER IMENTS 

1. Action of Group Reagent on Nickel Solution. To 5 ml. of 
nickclous nitrate test solution, add droj) by drop a dilute solution 
of NHjOH. Note that a greenish piecipitatc first forms. What 
is it? Give the o(iuation for the reaction by which it is foimc'd. 
Continue the slow addition of ammonia reagent until the pna-ipi- 
tatc di.ssolvcs, forming a solution whicli now contains the nickc'l 
in the form of tetrammono-nickel ions. Write the reaction. 

Effect of NH^Cl. To 5 ml. of tost solution, add a quantity of 
NH4CI, and then slowly add NII4OH. Wliat happens? Explain 
the function of the NH4CI. 

The effect of NH4CI on the solubility of the basic nickel com- 
pound should also be shown by precipitating a quantity of the basic 
salt and observing that it dls.solves when sufficient NH4CI is presemt,. 

Precipitation of Nickclous Sulfide, NiS. Pass into the, .solution 
containing the deep blue complex ions a stream of H2S. Th(' first 
action of H2S Is to neutralize an equivalent amount of NH40ri, 
producing thereby a rather high sulfide-ion concentration. Th(! 
.sulfide ion then reacts with the complex nickel ion, precipitating 
NiS. Show these steps by suitable equatioas. 

Filter off the NIS. The filtrate Is .sometimes brown, owing to 
the presence of colloidal nickel sulfide; the presence of NH4CI 
during the precipitation aids considerably in le.s.sening the tendency 
toward colloidal formation. 
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2. Action of Acids on NiS. Treat some of the NiS with a few 
milliliters of 1 : 9 HCl (made by adding 90 ml. of water to 10 ml. 
of concentrated HCl; reserve the remainder of this reagent for cor- 
responding experiments with other members of this group). Does 
the precipitate appear to dissolve? 

To the remainder of the NiS add aqua regia. Does the sulfide 
readily dissolve? Write the equation for the reaction. The sul- 
fur which separates is usually of a gummy nature and may be dis- 
colored by some undissolved nickel sulfide. 

3. Test with Dimethylglyoxime. To a solution of Ni(N03)2, 
made faintly ammoniacal with NH4OH, add a few drops of dimcth3d- 
glyoxime reagent. Describe the result. Ascertain the structure 
of the precipitate which forms. 

4. Borax Bead Test. Seal a piece of platinum wire in the end 
of a glass tube (if this has not already been done). Make a small 
loop in the end of the platinum wire. Heat the loop to redness, 
touch it to a quantity of borax, and fuse it in the flame of a Bunsen 
burner. The operation may have to bo repeated until a bead 
somewhat larger than a pinhead is obtained. 

Allow the clear bead to cool, moisten it and dip it into a verj^ 
small quantity of powdered Ni (N03)2. Then hold it in the oxidiz- 
ing (outside) portion of the flame and observe the result. 

COBALT, Co++ 

Cobalt, like nickel, may be either divalent or trivalent in its 
compounds. The divalent, cobaltous salts are commoner and in 
solution are pink. Cobaltous hydroxide, Co (OH )2, is pink, chang- 
ing by oxidation to brown cobaltic hydroxide. Like the hydrox- 
ides of nickel and iron, the hj'^droxides of cobalt are not ampho- 
teric. Many complex salts of cobalt are known, of which the most 
important types arc those formed with ammonia, ej'^anide and 
nitrite. The cobaltous ion, in many of its reactions, resembles the 
nickelous ion. 

Ammonia solution, when added in equivalent amount to a co- 
baltous salt solution, produces a greenish blue basic salt. Thus, 
with Co(N 02)3 test solution the reaction is: 

Co++ -h NO3 ' + OH“ = Co(OH)N 03 
An excess of the reagent will dissolve the precipitate, forming a 
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brownish solution of the hexammono-cobaltous ion : 


Co(OH)N03 + 6NH3 = Co(NH 3)6++ + OH" + N03' 

On heating and exposure, this complex ion passes over into the com- 
plex, Co(NH 3)6'^+, with change in color to pinkish purple. If 
NH 4 CI is present when ammonia is added, the Co(NH 3)6''"'^ forms 
directly, 

Cobaltous sulfide, CoS, is best precipitated by H2S from solu- 
tions of cobaltous salts which are made alkaline with ammonia. 
The sulfitle is black. It does not form colloidal solutions like NiS. 
CoS, like the corresponding NiS, is practically insoluble in dilute 
HCl but is readily dissolved by concentrated HNO 3 or aqua 
regia. For the equation, see the corresponding reaction under 
“ Nickel.” 

A delicate test for cobalt is by use of the organic reagent, 
a-nitroso-jS-naphthol. This reagent first oxidizes the cobalt ion 
to the trivalent, cobaltic state. Then the hydrog('n atoms from 
the hydroxyl groups from three molecules of the .substance, as 
shown in the structural formula of the reagent, are replaced by a 
trivalent cobalt atom, forming cobaltic nitroso-/3-naphthol : 


NO 


3(^'Y^0H) + Co+++ 


Co[CioH 6(NO)0]3 -h 3H+ 


The precipitate has a reddish purple color. The reagent is a 50 per 
cent acetic acid solution of the compound. Nickel ion does not 
yield a precipitate with this reagent, hence the test for cobalt can 
be conducted in the pre.sence of nickel. 

Another test for cobalt is the reaction with KNO2. This re- 
agent precipitates from acetic acid solutions a yellow compound, 
pota.ssium cobaltinitritc, K3C0 (N02)6- To carry out this test, the 
solution should be concentrated to a small volume, acidified with 
dilute acetic acid, saturated with KCl; then KNO2 .should be 
added in excess. The acetic acid liberates HNO2, which decom- 
poses with the formation of NO. The cobalt is oxidized to 
Co(N 02)3, which reacts with KNO2 to form K3Co(N02)6- This 
test for cobalt can he made in the presence of nickel. 

A borax bead will be colored a rich, deep blue when cobalt is 
present. The probable composition accounting for the color is 
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Co (302)2- See analogous property under “Nickel.” This test 
will distinguish cobalt in the presence of moderate amounts of 
nickel. 


PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent on Cobalt Solution. To 5 ml. of 

cobaltous nitrate test solution add, very slowly, dilute NH4OH. 
The precipitate which forms fimt is not Co(OH)2 but a basic salt 
similar to that of nickel. Give the reaction. Record the color. 

Continue to add ammonia until the preci})itate dissolves. The 
brownish solution contains complex ions whose composition is 
probably CoCNHa)©^"'". Heat the solution containing the comph^x 
salt. .The change in color is dim to the formation of a hexammono- 
cobaltic complex of the probable composition, Co(NH3)6''''^'^- 

Ejfect of NII4CI. To 5 ml. of test solution, add a quantity of 
NH4CU and then slowly add NH4OH. Describe the result. 

Precipitate some of the basic .salt with NH4OH and then add 
NH4CI. Note whether or not it di.s.solves. 

Precipitation of Cobaltous Sulfide, CoS. Into the .solution con- 
taining the brown complex pass H2S. Write the equation. 

This result is ecpiivahaii to atlding (NH4)2S directly to a .solu- 
tion of cobalt containing an excess of NH4OH. 

2. Action of Acids on Cobalt Sulfide. Transfer the CoiS ob- 
tained above to a small evaporating di.sh and add 1 ml. of 1:9 11(^1. 
Does it dissolve? Decant the solution and add 1 ml. of aqua 
regia. Write the eiiuation for the reaction with this solvent. 

3. Test with a-Nitroso-p-Naphthol. Acidify a few milliliters of 
cobalt test solution with dilute HCl, warm and then add a few drops 
of nitroso-jS-naphthol reagent. Note the color of the precipitate 
and record its formula. 

4. Borax Bead Test. Fuse some cobalt salt with borax held in 
the loop of a platinum wire. A blue bead of cobalt metaborate of 
the probable composition Co (302)2 should result. This test will 
distinguish cobalt in the presence of moderate amounts of nickel. 

MANGANESE, Mn++ 

The compounds of manganese of importance from an analytical 
standpoint are the divalent manganous salts such as Mn(N03)2, 
Mn(OH)2, MnS, etc.; the tetra valent compounds of which Mn02 
and MnO(OH)2 are typical; manganates such as Na2Mn04 in 
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which this element has an apparent valence of +6 and the per- 
manganates, especially KMn04, in which manganese has an ap- 
parent valence of +7 in the Mn04* anion. 

Manganous hydroxide is formed when a solution of Mn++ is 
treated with NaOH or NH4OH. The product of the reaction, 
Mn (0H)2, white when first formed, rapidly changes through partial 
oxidation to a brown basic oxide whose composition may be rep- 
resented by the formula MiiO(OH)2: 

Mn(OH)2 + 02= 2Mn(OH) 2 

This product may also be considered to be hydrated manganese 
dioxide, Mn02-H20; or, when written H2Mn03, it is manganous 
acid. As manganous acid it may react further with Mn(0H)2 to 
produce Mn203: 

Mn(QH)2 + H2Mn03 = Mn203 + 2H2O 

This latter product is in fact manganous manganite, MnMnO.s, 
i.e., the manganese salt of manganous acid. 

The hydroxide is insoluble in an excess of NH4OH or added 
NH4CI. In this respect, manganese differs from nickel, cobalt and 
^inc, since it does not form a complex ion with ammonia. 

In an excess of NaOH, Mn(0H)2 is insoluble. This means that 
it is not amphoteric in the sense that A 1 (011)3, Cr(0H)3 and 
Zn (0H)2 are. This difference in behavior serves to separate man- 
ganese and iron from aluminum, chromium and zinc and is the 
method of separation used in the systematic procedure. 

Manganese sulfide, MnS, is best precipitated from an alkaline 
solution by H2S or (NH4)2S> It is pink in color when first formed 
but changes gradually to the brownish hydrated form. The sul- 
fide is soluble in dilute HCl. 

Sodium peroxide readily oxidizes the manganous ion to the tetra- 
valent state, forming MnO(OH)2, in quite the same way as 
atmospheric oxygen. The equation for the oxidation of Mn (0H)2 
by Na202 may be formulated in the following way: 

Na202 + 2H2O + 2 c = 2 Na+ + 40 H- 
Mn(0H)2 + 20 H' = MnO(OH)2 + H2O + 2 e 

Mn(0H)2 + Na202 + H2O = MnO(OH)2 + 2 Na-*- + 20 H' 


Certain other oxidizing agents will accomplish the same result; 
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for example bromine, in alkaline solution, is sometimes used in 
analytical procedures for this purpose. 

The oxidation of manganese to the hexavalent state is some- 
times used as a test for this element. The oxidizing agent is 
KCIO3, the reaction being carried out in a fused sodium carbonate 
bead. Sodium manganate, Na 2 Mn 04 , green in color, is the oxida- 
tion product; the reaction may be expressed by the equation: 

3MnO(OH)2 + KCIO3 + SNaaCOa = 

. 3Na2Mn04 + 3C02 + SHaO -b KCl. 

The corresponding ion, Mn 04 “, is the manganate ion, in which the 
manganese has an apparent valence of -1-6. 

The oxidation of manganese to the permanganate form, Mn 04 “, 
is one of the most distinctive properties of this element as well as 
a most useful analytical reaction. The formation of the pink or 
purple ion is a very sensitive test for manganese and is, as well, the 
basis of several important quantitative methods of determination 
of this element. Among the oxidizing agents used for this purpose 
are sodium (meta) bismuthate, lead dioxide and ammonium per- 
sulfate. 

The oxidation of Mn++ to Mn 04 ” by NaBiOa is expressed by the 
two half-cell equations: 

Mn++ -f 4 H 2 O = 2 Mn 04 ~ + 5Bi+++ -b 7 H 2 O 

and 

BiOa" + 6H+ -b 2e = Bi+++ -b 3 H 2 O 
giving as the balanced equation : 

2Mn++ -b 14H+ -b 5 Bi 03 “ = Mn 04 " -b 5B1+++ -b THjO 

Likewise, for the oxidation of MnO(OH )2 by the same reagent we 
have: 

2 MnO(OH)2 + 10H+ -b 3 Bi 03 “ = 2 Mn 04 ^ -b 3Bi+++ -b THgO 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent on Manganous Solution. To 5 ml. 

of Mn(N 03)2 test solution add dilute NH4OH. Note how the 
precipitate gradually changes color. Give the equations for the 
formation and oxidation of the precipitate. 

Determine whether excess NH4OH or added NH4Ci have any 
effect on the solubility of the precipitate. Compare the action 
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here with the effect of these reagents on nickel and cobalt test 
solutions. 

Precipitation of Manganous Sulfide, MnS. Pass a stream of 
H2S into a test tube containing Mn(N03)2 test solution, made am- 
moniacal with NH4OH. Write the equation. Note whether a 
change in color of the sulfide takes place and account for this change. 

2 . Action of Acids on MnS. Treat the precipitate obtained in 
the preceding experiment with 1:9 HCl. Does it dissolve? Do 
NiS and CoS readily dissolve in acid of this strength? 

3 . Action of NaOH and Na202 on Manganous Salts. To a few 
milliliters of Mn(N03)2 test solution, add slowly a solution of 
NaOH. What is the substance formed? Try to dissolve it in 
an excess of the strong base. Is Mn(OH)2 amphoteric? 

Add a little sodium peroxide, dropping it from the tip of a 
spatula into the test tube. To what is the brown color due? 
Give the equation for this oxidation. 

4 . The Bead Test for Manganese. Fuse some NU2CO3 in the 
loop of a platinum wiie and dip it into the brown solid obtained 
in experiment 3. Heat in a Bunsen flame until fusion takes place 
and then touch the fused bead to some powdered KCIO3 and heat 
again. To what is the green color due? Write the equation. 

6. The Bismuthate Test. To 2 ml. of Mn(N03)2 test solution 
add about 1 ml. of dilute HNO3 and then drop into the tube a 
little powdered sodium bismuthate. Allow the suspended matter 
to settle and note the color of the solution. Write the equation 
for the reaction. 


IRON, Fe++ and Fe+++ 

Iron exists in its compounds either in the ferrous (divalent) or 
the ferric (trivalent) condition. The ferrous compounds are easily 
oxidized to the ferric condition. Solutions of ferrous salts are 
pale green or almost colorless and contain the ferrous ion, Fe++; 
ferric solutions are yellowish red, owing to the color of the 
ion. Ferrous salts are good reducing agents and ferric salts an‘ 
fairly good oxidizing agents. 

When a solution of a ferrous salt is treated with either NaOH or 
NH4OH, fenous hydroxide, Fe(OH)2, precipitates. This is in- 
soluble in an excess of either reagent. Ferric hydroxide, Fe(OH)3, 
likewise precipitates when an alkaline reagent is added to a ferric 
salt solution. It is insoluble in both reagents. 
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With hydrogen sulfide, Fe'''+ precipitates black FeS. Ammonium 
sulfide acts in a similar manner. In the case of the ferric ion, H2S 
first reduces Fe'*"^+ to Fe+'^, which then precipitates as FeS. Am- 
monium sulfide in an alkaline .solution forms Fe2S3 with the ferric 
ion. 

When Fe2S3 is treated with an acid such as HCl it dissolves, 
forming Fe"*^ and free sulfur; 

FC2S3 + 4H+ = 2Fe++ -f S 4- 2H2S 

Sodium peroxide readily oxidizes ferrous compounds to the fer- 
ric state. With Fe(OH)2 the following reaction takes place: 

2Fe(OH)2 + NaaOa + 2H2O = 2Fe(OH)3 + 2Na+ -f 20H" 

It is insoluble in an excess of NaOH. Ferric hydroxide likewise 
is insoluble in excess NaOH. 

The reactions of ferrous and ferric ions with the complex iron 
cyanides are important analytically though somewhat confusing to 
the beginning student. 

With ferric-ion and potassium ferrocyanide the reaction product 
is Prussian blue ; the equation is ; 

4 Fe+++ 4- 3 Fe(CN) 6 =“ = Fe4[Fe(CN)o]3 

With ferric ions and potassium ferricyanide, K3Fe(CN)6, a brown 
solution first forms, but this soon oxidizes in the air, becoming blue 
because of the formation of Prussian blue. 

Finally, ferrous ions with potassium ferricyanide yield also a 
blue precipitate, Fe3[Fe(CN)(}]2, which is ferrous ferricyanide, 
better known as Turnbull’s blue: 

2Fe(CN)6- -f 3Fc++ = Fe3[Fe(CN)6]2 
These results are here tabulated: 


Ion 

Ferrori/anide 

Ferricyanide 

[Fe(CN)6— 1 

[Fe(CN)6“] 

Fe+-*- 

K2Fe[Fe(CN)6] 

Fe3[Fe(CN)6]2 


white— > blue 

Turnbull’s blue 

Fe+++ 

Fe4[Fe(CN)6l.3 

FelFe(CN)6l 


Prussian blue 

brown 


A very delicate test for ferric iron is the reaction with thio- 
cyanate ions, CNS”, using NH4CNS as reagent. The solution 
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Ijecoines deep red in color owing to the presence of a complex ion 
of the probable composition, Fe(CNS)6^. Nitric acid gives the 
same color with this reagent, and certain substances like phosphates, 
borates and alkali acetates interfere with the reaction in neutral 
solutions. 

Phosphates in ammoniacal, neutral, or slightly acid solutions 
precipitate Fe"*"*^ ions as ferric phosphate, FeP04. If NaC2H302 
or NH4C2H3O2 is added the precipitation of the phosphate is com- 
plete ; 

Fe+^ + HP04“ + C2H302‘ = FeP04 + HC 2 H 3 O 2 

If phosphates are present in mixtures being analyzed and are not 
removed, a part of the Group III precipitate will consist of FeP04. 
This is again referred to in Part IV. 

Acetates, when added in excess to an acetic acid solution of ferric 
iron, turn the solution red owing to the formation of non-ionized 
ferric acetate: 

Fe+++ + 3C2H302' = Fe(C2H302)3 

This reaction is utilized in the phosphate removal discussed in 
Part IV. Ferric acetate hydrolyzes in dilute sohition upon boiling: 

Fe(C2H302)3 + 2HOH - Fe(OH)2(C2H3 02) + 2II('2H302 

forming insolubh^ basic ferric acetate. ^'I'liis reaction is often used 
in analytical chemistry. 

PRELIMINARY EXPERIMENTS 

1. . Action of Group Reagent on Ferric Solution. To 5 ml. of 

ferric nitrate, Fe (NO3 )3, test solution add dilute NH4OH. Observe 
the nature of the precipitate formed. Write the equation. 

Add an excess of the reagent. Is the behavior different from 
that of nickel and cobalt? Add some NH4CI to the Fe(OH)3, 
shake and warm. Does the precipitate dissolve? 

Precipitation of Fe<2,S^. Pass H2S into the' test tube containing 
the ferric hydroxide, excess of NH4OH and NH4CI. Write the 
equation for the reaction that takes place. 

2. Action of Acids on Fe2S3. Treat the ferric sulfide obtained 
in the preceding experiment with 1:9 HCl. Show by an equation 
how the ferric ion is reduced during the dissolving process. To 
what is the turbidity due? 
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3. Action of NaOH and Na202. To a ferrous salt solution add 
dilute NaOH until the solution is strongly alkaline. What is the 
precipitate which forms? Is it soluble in excess of NaOH? 

Add a little sodium peroxide to the test tube. What happens? 
Write the equation. Determine whether the product which 
forms is soluble in an excess of NaOH. Keep this in mind when 
similar experiments are performed with Al(OH)3, Cr(OH)3 and 
Zn(OH)2. 

4. Prussian Blue Test for Ferric Iron. Filter off the ferric 
hydroxide obtained above, dissolve it in dilute HCl and to a 
part of the solution add a few drops of pota.ssium ferrocyanide, 
K4Fe(CN)6, reagent. Write the equation. 

Repeat the experiment, using potassium ferricyanide, 
K3Fe(CN)6, instead of the ferrocyanide. Note the result. 

ALUMINUM, A1+++ 

The most characteristic property of aluminum is the ease with 
which its salts hydrolyze to form insoluble aluminum hydroxide. 
A1(0H)3 shows the property of amphoterism to a marked extent. 
The common salts such as the chloride, nitrate and sulfate are 
!;ioluble in water. The Al+'^ ion is colorless. Aluminum in all its 
compounds is always tri valent, hence aluminum salts are subject 
to neither oxidation nor reduction. 

Ammonium hydroxide when added to a solution containing the 
Al‘'~''+ ion precipitates white gelatinous Al(OH)3. The precipi- 
tate is practically insoluble in an excess of the reagent, resembling 
in this respect Fe(OH)3, Cr(OH)3 and Mn(OH)2 and differing 
from the hydroxides of nickel, cobalt and zinc which form complex 
ammonia ions. Boiling and the presence of NH4CI aid in the more 
complete precipitation of Al(OH)3. 

Aluminum hydroxide rather than AI2S3 forms when an ammoni- 
acal solution of A 1 +++ is treated with H2S or (NH4)2S. The result 
is due to hydrolysis, the reaction being expressed by the equation ; 

AI2S3 + 6 HOH = 2 A 1 ( 0 H )3 + 3H2S 

A1(0H)3 is a typical amphoteric hydroxide which dissolves in 
strong acids as well as alkalies. Thus, when an excess of NaOH 
is added to Al"^^ solution, the Al(OH)3 first formed reacts to 
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form the meta-aluminate ion : 

yOH 

Al— OH + OH" + Na+ Na+ + AlOa" + 2H2O 

^OH 

If a solution of the aluminate ion is carefully neutralized with 
dilute HCl, the hydroxide reprecipitates: 

AIO2" + H+ + H2O = A1(0H)3 

The dissolving of Al(OH)3 in acids such as HCl can be indicated 
by the equation : 

A1(0H)3 + 3 H+ = A1+++ + 3H2O 

A sensitive test for aluminum is the formation of an adsorption 
complex or “ lake ” with the dye “ Aluininon,” the trade name for 
the ammonium salt of aurin-tricarboxylic acid. ITis dyestuff is 
strongly adsorbed by Al(OH)3 producing a bright red color. Ali- 
zarin and alizarin-S are two other dyes which produce lakes similar 
to Aluminon with aluminum hydroxide. 

Another test for aluminum is known as “ Thcnard’s Blue ” test. 
This consists of igniting a roll of filter paper impregnated with 
C'o(N 03)2 and Al(OH)3, whereby a blue-colored residue is pro- 
duced. This product is probably a cobalt aluminate. Details for 
carrying out the test are given later. 

Phosphates will precipitate AIPO 4 , which is soluble in bases as 
well as strong acids but insoluble in dilute acetic acid. Acetates 
will form A1(C2H302)3, easily hydrolyzed in dilute, boiling solu- 
tion to the basic acetate, A1(0H)2(C2H302). These properties 
must be kept in mind in the analysis of Group III when phosphates 
are present. 

Tartrates, citrates, sugars and many other organic substances of 
similar composition prevent the precipitation of Al(OH)3 by form- 
ing complex aluminum-organic ions. Such interfering substances 
must be removed in systematic analysis. 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent on Aluminum Solution. Add dilute 
NH4OH to 5 ml. of the A1(N03)3 test solution. What forms? 
Add an excess of NH4OH. Is the precipitate noticeably soluble 
in this reagent? 
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Action of NH^Cl. To 5 ml. of test solution, add some NH4CI 
and then dilute NH4OH slowly at first and then in excess. Does 
the precipitate dissolve? What is the function of the NH4CI? 

Action of H 2 S. Pass H 2 S into 5 ml. of the test solution made 
ammoniacal with dilute NH4OH. The precipitate is A1 (OH)3 and 
not AI2S3 as might be expected. Explain why Al(OH)3 forms. 
Write the equation. 

2. Amphoteric Nature of Al(OH) 3 . Add dilute NaOH drop- 
wise to 2 ml. of test solution. Note that Al(OH )3 is at first pre- 
cipitated. Then add more NaOH. What happens? Give the 
equation. 

Carefully neutralize the aluminate solution with dilute HCl. 
What forms? Add more HCl and record what happens. 

3. Thenard’s Blue Test for Al(OH) 3 . Take a strip of rolled 
filter paper, dip it in Co(N 03)2 solution, touch it to precipitated 
A1(0H)3 and strongly heat it. Note the color of the ash. 

4. “ Aluminon ” Test. Precipitate some Al(OH )3 by adding 
NaOH to the test solution. Dissolve the precipitate in the least 
possible amount of dilute HCl, add 2 ml. of ammonium acetate 
solution and then 2 ml. of the “ Aluminon ” reagent. Mix thor- 
oughly and then make ammoniacal with dilute NH4OH. Observe 
the change in color. 

CHROMIUM, Cr+++ 

Chromium as cation forms the relatively unimportant chromous 
salts, such as CrCl 2 in which the element is divalent, and th(; 
chromic salts, for example, CrC^s and Cr(N 03 ) 3 , which contain 
tn valent chromium and in solution furnish the green chromic ion, 
Cr+++. The test solution used in the laboratory is chromic ni- 
trate. 

In the form of chromates and dichromates the element exists in 
the hexa valent state as the anions Cr 04 ”' and Cr 207 “. In acidified 
solutions the chromate ion becomes the dichromate ion : 

2Cr04- + 2H+ = Cr207“ + H2O 

In alkaline medium the reverse takes place, the dichromate chang- 
ing to chromate: 

Cr207- + 20H" = 2Cr04“ + H 2 O 

Whether the chromate or the dichromate ion predominates de- 
pends therefore upon the alkalinity or acidity of the solution. 
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Chromate solutions are yellow and dichromate solutions are 
reddish-orange in color. 

Ammonium hydroxide will precipitate from a chromic solution 
green, gelatinous chromic hydroxide, Cr(OH) 3 . This hydroxide, 
like Fe(OH )3 and Al(OH) 3 , is practically insoluble in an excess of 
ammonia or in the presence of ammonium salts; it hence does not 
form complex ammonia ions, as do nickel, cobalt and zinc. 

If H 2 S or (NH 4 ) 2 S is added to an ammoniacal solution of the 
chromic ion, Cr(OH )3 instead of Cr 2 S 3 is formed, the result being 
due to hydrolysis. This behavior is like that of aluminum. Hence 
when a chromic solution is treated with NH 4 OH, NH 4 CI and H 2 S, 
the net result is the precipitation of Cr(OH) 3 . 

C'hromic hydroxide is readily soluble in dilute HCl ; 

Cr(OH )3 + 3H+ = Cr+-H- -f- SHgO 

0 

Sodium hydroxide, like NH 40 n, precipitates Cr(OH) 3 : 

+ 30H- = Cr(OH )3 

An excess of the strong base, howev(‘r, causes the precipitate to 
dissolve, forming the metachromite ion: 

Cr(OH)3 + 30H- = OrOz" + 2 H 2 O 

^ 

The fact that chromic hydroxide dissolves in strong bases as well 
as in acids shows the amphoteric behavior of this substance. 

TrjjValent chromium, as, for example, the chromite ion and the 
chromic ion, are oxidized to C'r 04 ’" by a number of oxidizing agents, 
such as sodium peroxide. With NazOz in an alkaline solution, the 
oxidation can be shown by the equation: 

2[Cr02“ -f 4011" = (>04=- -h 2 H 2 O 4- 3c] 

3lNa2()2 + 2H2() + 2c = 2Na+ -f 40H '] 

2C;r02~ + 3Na202 + 2 H 2 O = 2004 “- +,(>Na+ + 40H- 

(Conversely, chromates and dichromates are reduced to the chromic 
ion by reducing agents. HzS is such a reagent and, consequently, 
if chromates or dichromates are present in mixtures undergoing 
analysis, they will be reduced in an add medium according to th(! 
redaction : 

CraOT- + 3 H 2 S + 8H+ = 2Cr+++ -|- 3S + 7 H 2 O 
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The Cr04“ ion is precipitated by various cations forming com- 
pounds such as Ag2Cr04, PbCr04 and BaCr04. The precipita- 
tion of the latter is the means employed in the scheme of this group 
to separate chromium from zinc. 

In addition to observations of the characteristic color changes 
undergone by chromium during its separation from other members 
of this group — observations which usually are sufficient to identify 
this element — the hydrogen peroxide test, described as experi- 
ment 5 under “ Preliminary Experiments,” may be employed. 

Phosphates precipitate chromium phosphate, CrP04, from solu- 
tions containing chromic salts; in this respect they are similar in 
their behavior toward aluminum and ferric iron solutions. Ace- 
tates will precipitate basic chromic acetate only in the presence 
of large amounts of iron or aluminum. Tartrates and similar 
organic materials will prevent the precipitation of Cr(OH)3 on ac- 
count of the formation of complex ions. These properties are im- 
portant in the systematic analysis of materials and are again re- 
ferred to in Part IV, pages 309 to 311 . 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent on Chromic Solution. To 5 ml. of 

chromic nitrate test solution add dilute NH4OH. What is the 
pale green gelatinous precipitate? Write the reaction in ionic 
form. Try to dissolve the chromic hydi’oxide in an additional 
amount of NH4OH. 

Action of NH4CI. To 5 ml. of test solution, add some NH4CI 
and then dilute NH4OH slowly at first and then in excess. Does 
the precipitate appear to dissolve? In this respect it resembles 
the hydroxides of aluminum, iron and manganese, and differs from 
those of nickel, cobalt and zinc. 

Action of H2S. Pass 1128 into a few milliliters of test solution, 
made ammoniacal with ammonia. Explain what happens. Is the 
precipitate Cr2S3? Add dilute HGl (1:9) to the test tube con- 
taining precipitated Cr(OH)3. Note result. 

2. Amphoteric Nature of Cr(OH) 3 . To 2 ml. of Cr(N03)3 solu- 
tion add, slowly, a dilute solution of NaOH until a precipitate 
forms. What is it? 

Continue the addition of the NaOH until the precipitate redis- 
solves. W rite the equation . The dissolving of Cr (OH )3 in N aOH 
to form the CrOa' ion follows the behavior of Al(OH)3 and 



REACTIONS OF ZINC 


189 


Zn(OH)2; this property is used to separate these three elements 
from iron and manganese. 

Oxidation of Chromite to Chromate. Add to the sodium chromite 
solution a small quantity of Na202. Note the change of color from 
green to yellow. What has happened? Write the equation. 

3. Precipitation of BaCr 04 . Neutralize a portion of the chro 
mate solution obtained in experiment 2 and then make it slightly 
acid with HC2H3O2. Add a little NaC2H302 and finally add BaCl2. 
What forms? Supply the equation. This reaction enables one 
to separate chromium from zinc. 

4. The Hydrogen Peroxide Test for Cr 04 “. To 1 ml. of Cr 04 "' 
solution acidified with dilute HNO3 add 1 ml. of ether and then, 
dropwise, some hydrogen peroxide. Note the intense blue color in 
the ether layer; note also that it fades out quickly. The substance 
formed is of indefinite composition, probably a complex of Cr04 
and H2O2, though sometimes referred to as a perchromic acid. 

ZINC, Zn++ 

The element zinc is always divalent in its compounds. The 
zinc ion is colorless. The oxide, ZnO, and hydroxide, Zn(OH)2, 
and salts such as ZriCl2, Zn(N03)2, ZnS and ZnNH4P04 are 
among its important analytical compounds. 

The hydroxide, Zn(OH)2, is formed when either NH4OH or NaOH 
is added in equivalent amounts to a solution containing zinc ion. 

In an excess of ammonia, Zn(OH)2 dissolves to form a complex 
ion: 

Zn(OH)2 + 4NH3 = Zn(NH3)4++ + 20H- 

With an excess of NaOH or KOH, the hydroxide dissolves to 
form the zincate ion : 

Zn(OH)2 + 20H‘ = ZnOj” + 2H2O 

Zinc hydroxide is likewise soluble in acids., Like Al(OH)3 and 
Cr(OH)3, this hydroxide is typically amphoteric. 

When H2S is passed into a solution of zinc ions, white ZnS is 
precipitated : 

Zn++ + H2S = ^ + 2H+ 

The sulfide, however, will not form if the acidity of the solution is 
equal to or greater than that prevailing for the precipitation of 
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the sulfides of Group II. It is best to buffer the solution with 
NaC2H302 in order to secure complete precipitation of the sulfide. 

Ammonium sulfide will precipitate ZnS from neutral or alkaline 
solutions. 

Zinc sulfide is soluble in dilute HCl but does not dissolve in acetic 
acid. 

As tests for zinc the following properties may be employed. 
When cobalt nitrate is impregnated on a filter paper along with a 
zinc compound and the paper is ignited, it leaves a green ma.ss, 
known as Rinnman’s Green, probably a cobalt zincate or a double 
oxide of CoO and ZnO. The details of carrying out this test are 
given in experiment 3 . 

Potassium ferrocyanide precipitates Zn3K2[Fe(CN)6]2 and this 
is sometimes used as a confirmatory test for zinc. 

The test with the dyestuff. Orange IV, is particularly sensitive 
if proper precautions are taken. The procedure is described 
below, 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent on Zinc Test Solution. Add dilute 
NH4OH dropwise to a few milliliters of Zn(N03)2 test .solution 
until a precipitate forms. Write the equation for the reaction. 
Add an exce.ss of NH4OH. What happens? Give the equation. 

Action of NH4CI. To 5 ml. of the test solution add NH 4 CI and 
then NH4OH. Does Zn(OH)2 precipitate? Explain the re.sult. 

Precipitation of ZnS. Into this solution containing the complex 
zinc-ammonia ions pass H2S. What is the white precipitate? 

2. Amphoteric Nature of Zn(OH) 2 . Dissolve the ZnS obtained 
in the above experiment in dilute HCl, boil and then add a few 
drops of NaOH. Note the precipitation of Zn(OH)2. Continue 
adding NaOH until the precipitate dissolves. Like Al(OH)3 and 
Cr(OH)3, zinc hydroxide is amphoteric and, with an excess of 
strong base, forms zincate ions. Write the equation. 

3. Rinnman’s Green Test. Cobalt nitrate when heated with 
ZnO forms a green-colored mass on the ignited filter paper. The 
color is due to a double oxide, ZnO CoO, and is known as Rinnman’s 
Green. This test can be most conveniently carried out by using 
specially prepared cobalt cyanide test paper. 

4. The Orange IV Test for Zinc. To a drop of the dyestuff, 
known as Orange IV, add one drop of dilute ( 1 : 24 ) H2SO4 (both 
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reagents dispensed by the instructor) on a spot plate or watch 
glass or in a test tube, and then 3 to 5 drops of a 2 per cent solution 
of potassium ferricyanide. The mixture now should have a red 
color. Then add to this mixture a drop or two of the zinc test 
.solution. The color should change to greenish yellow in the pres- 
ence of zinc. 


REVIEW EXERCISES — SET 13 

1 . Make a table showing the valences of the elements of this group, tO' 
gether with names, formulas and colors of typical compounds. 

2. Group together the reactions of the cations of this group with NH4OH; 
with NH4OH in the presence of NH4CI; with (NH4)2'S. Show that the net 
effect is a set of ionic reactions between these cations and S” ion (or HOH 
in two cases). 

3. What sulfides of this group remain practically insoluble in 1:9 IIC17 
How does this suggest a method of subdivision? 

4. Group together the reactions of the cations of this group with NaOII. 
Do all the hydroxides di.ssolve in cxce.ss NaOH? Complete and balance the 
following equations: 

Mn(OH)2 + NaOH = 
re(OH)2 + NaOH = 

A1(0H)3 + NaOH = 

Cr(OH)3 + NaOH = 

Zu(OH) 2 -I- NaOH = 

6. What products form when Na202 is dissolved in water? Complete and 
balance the following equations: 

Mn(OH)2 + Na202 + H2O = 

Fe(OII)2 + Na202 + H2O = 

NaCr02 + Na202 + 1120 = 

Why would you not expect NaA102 and Na2Zn02 solutions to react with 
Na202? How do the answers to questions 4 and 5 suggest a basis for further 
subdivision of members of this group? Explain your answer. 

6. If a certain solution contains Al+^+, Zn++ and Cr04~ ions what reagent 
might be used to make a separation of aluminum from zinc and chromium? 
Show this by appropriate equations. 

7. What hydroxides of this group show amphoteric behavior? Form 
complex ammonia ions? Are readily oxidized or reduced? Show marked 
hydrolysis of their salts? 

8. Show by a set of ionization reactions why solutions of FeCb show an 
acid reaction; why solutions of Na2C0j show an alkaline reaction. 

9 . Explain why NiS and CoS are practically insoluble in 1:9 HCl, yet 
fail to be precipitated in Group II where the acidity is much less. 

10. What organic reagent will precipitate nickel in the presence of cobalt? 
What reagents might be used to precipitate cobalt in the presence of nickel? 
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Outline of Method of Analysis of this Gboup 

As a result of the study of the properties of the ions of this group, 
the following facts have been revealed; 

1. The net effect of adding NH4OH, NH4CI and H2S to solu- 
tions containing these ions is to precipitate NiS, CoS, FeS or 
FeaSs, MnO(OH)2, ZnS and Al(OH)3 and Cr (011)3. The inter- 
mediate formation of the complex ammonia ions of nickel, cobalt 
and zinc is incidental. The formation of A1(0H)3 and-Cr(0H)3 
rather than the sulfides of these two elements is due to hydrolysis. 

2 . Hydrochloric acid ( 1 : 9 ) was found to be an effective solvent 
for all the above precipitates except NiS and CoS. This reagent 
is therefore employed to separate the.se two sulfides from the other 
sulfides and hydroxides of this group. 

3 . The combined action of NaOH and Na202 was found to pre- 
cipitate the iron as Fe(0H)3 and the manganese as MnO(OH)2, 
whereas, on account of strong amphoteric behavior, the aluminum, 
chromium and zinc are tran.sformed into the meta-aluminate ion, 
A102~, the zincate ion, Zn02“', and the chromate ion, Cr04“. This 
serves to separate the former two elements from the latter three. 

4 . If HNO3 and then Nn40H are added to solutions containing, 
respectively, AIO2', Cr04“ ions, A1(0H)3 only will be precipitated. 
In this we have a method of .separating aluminum from chromium 
and zinc. 

5 . The precipitation of BaCr04 from a buffered acetic acid solu- 
tion is utilized in the procedure of analysis as a means of separating 
chromium from zinc. 

These indicated separations of the group precipitate, together 
with the necessary subsequent treatment of the separated portions 
for the purpose of individual cation identifications, are combined 
and shown diagrammatically as a scheme of analysis on page 193 . 
The detailed procedure to be followed in the analysis of a mixture 
of ions of this group follows. 

Practice Analysis of a Mixture of Cations of this Group 

Prepare a mixture by taking 5 ml. of each of the test solutions 
of Ni"'"''", Co**^, Fe'*^'*', Mn++, A 1 +++, Cr+''"+ and Zn++. Place the 
sample in an Erlenmeyer flask equipped with a stopper with inlet 
tube. 
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Group Precipitation. Make the solution arnmoniacal with dilute 
NH4OH and then add an excess of 2 ml. of concentrated NH4OH. 
This will result in the precipitation of the hydroxides of iron, 
manganese, aluminum and chromium and in the formation of 
Ni(NH3)4++, Co(NH 3)6‘''++ and Zn(NH3)4++. 

Heat the solution almost to boiling, stopper the flask and pass 
in a rapid stream of H2S. The partial neutralization of the am- 
monium hydroxide by the hydrogen sulfide produces (NH4)2S and 
furnishes a large concentration of sulfide ions. The final effect is 
the precipitation of the sulfides of nickel, cobalt, iron, zinc and 
manganese (the latter oxidizes to the basic oxide, MnO(OH)2) and 
of A1 (011)3 and Cr(OH)3. 

'The net effect of the combined use of NH4OH and H2S is shown 
by the equations: 

Ni++ 4- S- =- NiS 

Co++ + S- = 

2Fe+++ + 3S- = Fe2S3 

Mn++ + = MnS — > MnO(OH)2 

Zn++ 4- S” = ^ 

A1+++ 4- 30H" = A1(0H)3 

Cr+^+ + 30H“ = Cr(OH)3 

Filter a small portion of the soUition and test the filtrate with 
H2S for complete precipitation. If not complete, continue the use 
of H2S a little Avhile longer. When precipitation is complete, 
filter through a fluted filter or with the aid of a filtration accelera- 
tor. Wash the i)rccipitate with hot water containing a small 
quantity of NH4CI. The ammonium chloride is used here and in 
the group precipitation to decrease the solubility of A1 (OH )3 and 
Cr(OH)3 and to lessen the tendency toward the formation of col- 
loidal sulfide solutions. 

Separation of NiS and CoS. Transfer the washed group precip- 
itate to a beaker and treat it with 50 ml. of dilute (1 :9) HCl, made 
by adding 5 ml. of concentrated HCl to 45 ml. of water. Stir the 
mixture and allow to settle. Do not heat. In HCl of this strength 
NiS and CoS do not dissolve at an appreciable rate, whereas the 
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other constituents dissolve at once. The effect of the solvent can 
be shown by the equations: 

NiS + H+ — > NiS (no reaction) 

CoS + H+ — » CoS (no reaction) 

MnO(QH)2 + 4 H+ + 4 Cr = Mn++ + 3H2O + CI2 + 2 Cr 
Fe2S3 + 4 H+ = 2Fe++ + 2H2S + S 
A 1 ( 0 H )3 + 3 H+ = A 1 +++ + 3H2O 
Cr(OH)3 + 3 H+ = Cr-++ + 3H2O 
^ + 2 H+ - Zn++ + n2S 

Filter off the residue, which consists of NiS and CoS. Place the 
filtrate in a large evaporating dish and begin tlui evaporation of 
the solution. While this is in progress remove the residue of 
nickel and cobalt sulfides to another evaporating dush, add a few 
milliliters of aqua regia (enough to dissolve the r(!sidue) and (wap- 
orate to a small volume, being watchful not to carry the evaporation 
to dryness. 

Dilute with a few milliliters of dilute H (4 and filt(!r to remove 
the small residue of black, gummy sulfur. Now add, drop by 
drop, dilute NaOH until a permanent precipitah; forms and then 
dissolve this in dilute acetic acid, adding a slight excess. 

Identification of Nickel. Take 2 ml. of this solution, make it 
slightly ammoniacal wit h dilute NII4OH, testing with litmus paper, 
and then add 1 ml. of dimethylglyoxime reag('nt. The heavy, red 
precipitate which forms is nickel dimethylglyoxime, Ni[(fTl3)2- 
CN()HC’N0]2, and shows the ))resonce of nickel. 

Identification of Cobalt. To another 2 ml. portion of the solution 
add a little dilute HCl, warm. and then adcl 1 ml. of a-nitroso- 
/ 3 -naphthol reagent. The reddish precipitate is cobaltic nitroso- 
/ 3 -naphthol, Co(CioH6NOO)3, which identifies cobalt. 

Confirm this by the cobaltinitrite test: To a portion of the solu- 
tion, acid with acetic acid, add solid KCl until no more will dissolve 
and then add an equal volume of 50 per cent KNO2 solution. Set 
the test aside and after an hour or so, examine it. The yellow 
precipitate is potassium cobaltinitrite, K3Co(N02)6- 
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Separation of Manganese and Iron. The filtrate from the separa- 
tion of NiS and CoS, undergoing evaporation ahd containing Mn++, 
Fe"^, A 1 +++, Cr‘'"^+ and Zn++, should be concentrated to a feiiv 
milliliters to remove excess HCl. When this is done, dilute to 
about 100 ml. with water and make strongly alkaline with an excess 
of NaOH solution. Without filtering add cautiously, by means 
of a spatula, 2 grams of Na202 and boil the solution for a few 
minutes with frequent stirring. 

By this treatment, the manganese is oxidized and precipitated 
as MnO(OH)2, the iron likewise as Fe(OH)3, and the remaining 
three elements are transformed into the soluble anions, namely, 
meta-aluminate, AIO2 , chromate, Cr04=', and zincate, Zn02“. The 
effect of the use of Na202 is shown by the equations: 

Mn++ + Na202 + H2O2 = MnO(()H)2 + 2Na+ 

2Fe-H- -f- Na202 -b 20 H- + 2H2O = 2Fe(OH)3 + 2Na+ 

A1+++ -1- 40 H- = AIO2" + 2H2O 

2 Cr+++ -b 40 H- -b SNaaOa = 2Cr04“ + 2H2O + 6Na+ 

Zn++ -b 40 H“ = Zn02“ + 2H2O 

Partly neutralize the solution with dilute HNO3, filter and wash 
the precipitate. The filtrate is reserved for the identification of 
Al, Cr and Zn. 

Identification of Manganese. Remove a small part of the brown 
precipitate to a test tube, dissolve it with 5 ml. of concentrated 
HNO3 or, to hasten the dissolving, use in addition a few drops of 
hydrogen peroxide. To the solution add small quantity of 
sodium bismuthate, NaBiOs, .shake and allow the suspended matter 
to settle. The pink or purple coloration in the supernatant liquid 
is due to the presence of the permanganate ion, Mn04'', and iden- 
tifies manganese. In place of NaBiOs, should this reagent not be 
ay^ailable, lead peroxide, Pb02, may be used, using 1 gram of this 
reagent. 

A further test for manganese might well be made at this point. 
This is the bead test described on page 181 . In the loop of a plat- 
inum wire fuse some Na2C03, touch it to the broA^m precipitate of 
MnO(OH)2, heat and then dip it into powdered KCIO3 and heat 
in the Bunsen flame. The green or greenish blue bead which derives 
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it^ color from sodium manganate, Na2Mn04, is a further proof of 
the presence of manganese. 

Identification of Iron. Take another small portion of the precip- 
itate, dissolve it in dilute HCl, cool and add a few drops of potas- 
sium ferrocyanide, K4F e (CN )6. The hea\\y , deep blue precipitate, 
Prussian blue, Fe4[Fe(CN)6]3, identifies iron. An excess of the 
reagent is to be avoided because the product is soluble in an excess 
of the reagent. 

The extremely delicate reaction with KCNS might also be ap- 
plied here. This is carried out, quite simply, by dissolving a very 
tiny bit of the precipitate in dilute HCl and adding a drop of 
KCNS reagent, resulting in an intensely red-colored solution . This 
test should not be employed on samples of unknown composition 
such as the “ student unknowns,” since traces of iron, frequently 
present as impurities in reagents, will respond to this test. 

Separation and Identification of Aluminum. The filtrate from 
the removal of iron and manganese contains AIO2 , Cr04" and 
Zn02” ions together with excess NaOH. 

Neutralize the alkali with dilute HNO3. The addition of HNO3 
has the effect .shown in the following equations : 

A 1 () 2 " + 4 H+ = AH++ + 2H2O 

2 Cr 04 =' + 2 H+ = CraOr" + HgO 

Zn02“ + 4 H+ = Zn++ -t- 2H2O 

Add a little NH4CI and then make the solution slightly ammoni- 
acal with dilute NH4OH in order to precipitate Al(OH)3. Avoid 
adding an excess of ammonia because Al(OH)3 is somewhat soluble 
in an excess of this reagent. The solution should have only a 
slight odor of ammonia; if too much has been added, boil the 
solution. 

The reactions taking place are: 

A 1 +++ -b 30 H' = A 1 ( 0 H )3 
CrsO?- + 20 H" = 2 Cr 04 ” + HgO 
Zn-H- -f 4NH3 = Zn(NH3)4++ 


Remove most of the gelatinous precipitate to a test tube, dis- 
solve it with dilute HCl, add 3 ml. of ammonium acetate solution 
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and 5 ml. of “ Aluminon ” reagent. Mix thoroughly and then 
make the solution alkaline with dilute NH4OH. The bright red 
color of the precipitated Al(OH)3 identifies aluminum. 

The formation of Thenard’s blue as a test for aluminum should 
also be carried out. Proceed as follows: Tear off a portion of the 
filter paper which is coated with the precipitate, hold it in the loop 
of a platinum wire, moisten with a few drops of dilute Co(N03)2 
and ignite. A blue color in the charred paper, due to a double 
oxide, CoO-Al203, known as Thenard’s blue, shows the presence 
of aluminum. If the Co (N03)2 solution is too strong black cobalt 
oxide may result. 

Identification of Chromium. The filtrate after the separation 
of A1(0H)3 contains Cr04“ and Zn(NH3)4++ ions. The yellow 
color of this solution is a sure indication of the presence of the 
chromate ion. To remove the chromate ion and further identify 
it, acidify the solution with dilute HC2H3O2, add 1 gram of 
NaC2H302, heat to boiling and, while hot, add slowly BaCl2 
reagent. Allow the yellow BaCr04 to settle and then filter through 
two thicknesses of filter paper. Reserve the filtrate for the identi- 
fication of zinc. 

Dissolve the BaCr04 on the filter paper in dilute HNO3, using 
warm acid if necessary. Add the filtrate to a test tube containing 
1 ml. of ether and 1 ml. of 3 per cent H2O2. If chromium is present 
the ether layer will be blue. 

Identification of Zinc. Zinc in the form of ionized Zn (€211302)2 
remains in the filtrate after removal of the BaCr04. This solu- 
tion contains HC2H3O2 and is buffered with NaC2H302. Pass 
H2S into this solution. ZnS should precipitate as a white, finely 
divided precipitate. 

If the precipitate hks a dark color, showing that traces of FeS, 
NiS or CoS have formed, add a little dilute HCl, filter and add a 
little Na202 to the filtrate. Again filter and discard the precipi- 
tate of Fe(OH)3, Neutralize the filtrate with HNO3, add a little 
HC2H3O2 and NaC2H302 and reprecipitate the ZnS. 

ZnS can be further identified by a test similar to that for alu- 
minum. Coat a portion of the filter paper with the white precipi- 
tate, moisten with Co(N03)2, hold in a platinum wire and strongly 
ignite. A green color on the charred paper, a mixture of CoO and 
ZnO, proves the presence of zinc. Specially prepared test paper 
may also be used here. 
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Zinc can best be identified by means of the dye, Orange IV, as 
mentioned on page 190. Proceed as follows; Dissolve a portion of 
the ZnS precipitate in dilute H2SO4. To a drop of K3Fe(CN)6 on 
a watch glass or spot plate, add a drop of dilute 1 :24 H2SO4 and 
then 3 to 5 drops of freshly prepared K3Fe(CN)o solution. This 
will produce a red color. Then add a drop or two of the neutralized 
zinc solution; the green color shows the presence of zinc. 


Application of Theory to the Analysis op this Group 

This group furnishes a number of excellent examples illustrating 
several important principles. Among the principles involved are 
(1) the theory of sulfide precipitation, (2) hydrolysis, (3) common- 
ion effect, (4) complex-ion formation, (5) amphoterism and (6) 
oxidation-reduction phenomena. These will be discussed in turn. 

Sulfide Precipitation. Previous discussion of the theory (see 
page 168) involved in the precipitation of sulfides disclosed the fact 
that the sulfides of this group are characterized by relatively large 
solubility product constants and that in order effectively to pre- 
cipitate them the sulfide-ion concentration should be as high as 
possible. Such a concentration can be secured by the use of 
highly ionized sulfides such as (NH4)2S or Na2S. In the actual 
procedure used here, the ammonium sulfide is formed in the solu- 
tion by the neutralization of NH4OH by II2S; in some procedures 
(NH4)2S is added directly as rt'ageut. 4Te /Cgp values for the 
sulfides of this group are ciuickly reached and exceeded under these 
conditions, and precipitation is rapid and complete. 

Hydrolysis. The sulfides of aluminum and chromium cannot exist 
in aqueous solutions because hydrolysis takes place. Hydrolysis 
results whenever the concentration of ions or OH“ ions or both 
can be lowered. The hydrolytic reaction will run practically to 
completion if both ions are remov(‘d. In the reaction: 

AI2S3 4- fiiiOH = 2A1 (qh)3 + ms 

the hydroxyl ions are removed in the form of an insoluble precipi- 
tate and the hydrogen ions by the evolution of a gas. AI2S3, if 
formed, would at once completely hydrolyze. The addition of 
H2S to basic solutions containing precipitated A1 (OH )3 is therefore 
without effect. The case of chromium is similar. 
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Common-Ion Effect. The solubility product constant of 
Mg(OH)2 is 3.5 X 10~“, a value which can easily be reached by 
such concentrations of Mg’*"*’ ions and OH" ions in ammoniacal 
solutions as are used in analytical work. The precipitation of 
Mg(OH)2 with the inclusion of magnesium as a member of this 
group is undesirable; therefore, it must be kept in solution during 
the group precipitation. By adding NH4CI to the NH4OH of the 
group reagent, the NH4+ ions, through the common-ion effect, 
lower the OH" ion concentration to such a value that the product, 
X (CoH-)^ = 3.5 X is not reached. The required 

basic condition for the group precipitation is thus maintained, yet 
magnesium hydroxide is prevented from precipitating. 

Common-ion effect is also employed in the separation of BaCr04 
and in the reprccipitation of ZnS. In these cases the acidity of 
dilute acetic acid solutions is decreased through the addition of 
NaC2H302 (the common acetate ions lower the H+ ion in the acetic 
acid equilibrium). 

Amphoterism. The amphoteric nature of Zn(OH)2, Cr(OH)3 
and A1 (011)3 is utilized to separate thc.se three elements from iron 
and manganese. This beha\’ior can be illustrated by zinc hydrox- 
ide. This compound exhibits a stronger basic character than acid 
character and its ionization can be considered as taking place 
chiefly in a basic direction thus; 

yOU 

Zn -^Zn-H- -f- 20H" 

'^OH 

The addition of an acid will neutralize the hydroxyl ions and cause 
the Zn(OH)2 to dissolve, forming Zn++ ions in solution. If, how- 
ever, a strong base, NaOH for example, is added, the hydrogen 
ions and not the hydroxyls are displaced: 

yOn 

Zn -I- 20H" = ZnOa- + 2H2O 

^OH 

The zinc existing in solution is in the form of zincate, Zn02“, ions. 
In analogous ways, aluminate and chromite ions are formed. 
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THE AMMONIUM CARBONATE GROUP — GROUP IV 

BARIUM, Ba++ 

STRONTIUM, Sr++ 

CALCIUM, Ca++ 

The alkaline earth elements, barium, strontium and calcium, are 
very much alike in their general properties and behavior. Their 
chlorides, sulfides and hydroxides are sufficiently soluble to pre- 
vent their precipitation in preceding groups. The salts of these 
elements which constitute the basis of the analysis of this group are 
the carbonates, chromates, sulfates and oxalates. The group as a 
whole is precipitated as BaCOa, SrCOa and CaCOa with (NH4 )2C03, 
in an ammoniacal solution containing NH4CI. The elements of 
this group are free from hydrolysis, amphoterism, complex-ion 
formation and oxidation and reduction effects; hence the separa- 
tions from one another depend solely upon precipitation phenom- 
ena. Flame tests are relied upon for final identification. 

Magnesium, a closely related element, whose carbonate and hy- 
droxide are rather insoluble, is prevented from precipitating here, 
by buffering the group reagent with NH4CI. Certain schemes 
of analysis include magnesium in this group, but the procedure 
preferred here purposely keeps this ion from precipitating until 
Group V is reached. 


BARIUM, Ba++ 

This element is always divalent. The salts are colorless unless 
the anion is colored. The hydroxide is too soluble to be precipi- 
tated by NH4OH or NaOH. Ammonium carbonate precipitates 
white BaCOa : 

Ba++ + COa" = BaCOa 

BaCOa is soluble in strong acids as well as weak acids, such as 
HC2Ha02 and H2COa. In the case of acetic acid, the bicarbonate 
ion, HCOa", first forms; 

BaCOa -h H+ = Ba++ + HCOa' 
which then reacts to form unstable H2CO3: 


HCOa' 4 - H+ = H2CO3 H2O + CO2 
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Barium chromate is precipitated when Cr04“ ions are added to 
a barium salt solution ; 

Ba++ 4 - CrOr = BaCr04 

BaCr04 is soluble in strong acids but insoluble in acetic acid. It 
is best precipitated from a solution buffered with NaC2H302, where- 
by the H+ ion concentration is diminished. 

Barium sulfate is readily precipitated by dilute H2SO4 or a 
soluble sulfate such as (Nri4)2S04. 

Ba++ -h S04-= = BaS04 

The precipitate is very insoluble in water and in dilute acids. It 
is best precipitated from hot solutions. Barium is determined 
quantitativ(‘ly in this way. BaS04 can be transformed into BaCOa 
by boiling with Na2C03 or, better still, by a fusion with solid 
Na2C03. This is a general method of getting insoluble residues 
into solution and will be employed later in the analysis of the anions 
(Part III) and in the discussion of systematic analysis (Part IV). 

The oxalate, BaC204, is more soluble in water than the corre- 
sponding calcium and strontium oxalates. It is .soluble in hot acetic 
acid, differing in this respect from (’aC204. 

PRELIMINARY EXPERIMENTS 

1. Precipitation of Barium Carbonate. Add dilute NH40n to 
2 ml. of the Ba(N03)2 test solution until the odor is distinctly am- 
moniacal. The slight turbidity is not Ba(OH)2 but is due to small 
amounts of BaCOs precipitated by (NH4 )2C03 ; this pi’ecipitation 
invariably contaminates the reagent. Heat the solution to boiling 
and then add ammonium carbonate, (NH4 )2C03, in excess. Write 
the reaction. Filter off the BaC03 and dissolve it in hot, dilute 
acetic acid. 

2. Reaction with K2Cr04. To the hot acetate solution add a 
few drops of K2Cr04 reagent. What forms? Give the equation. 
This reaction serves to make a fairly good separation of barium 
from strontium and calcium. 

3 . Reaction toward the Sulfate Ion. To 2 ml. of Ba(N03)2 test 
solution add (NH4)2S04 reagent. Describe the result. BaS04 is 
practically insoluble in all acids and is formed even in very dilute 
solutions of barium salts by any soluble sulfate or dilute H2SO4. 
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4. Behavior toward the Oxalate Ion. To a small amount of 
barium test solution add some ammonium oxalate reagent. Does 
a precipitate form? 

6. Flame Coloration. Dip a clean platinum wire into a test 
tube containing some barium test solution, or gather up some pre- 
cipitated BaCr04 or BaCOa in a loop in the wire and hold it in 
the outer portion of a Meker or Bunsen burner flame. The flame 
.should show flashes of green . If a non-volatilc coating of oxide 
forms, dip the wire once into dilute HCl and again touch it to the 
flame. 

STRONTIUM, Sr++ 

Strontium, like barium and calcium, is a divalent element. The 
reactions of the strontium are much like? those of tlu^ other two 
alkaline elements. The carbonate, SrC’Oa, is n'adilj" pn'cipitated by 
the group reagent, (NH4 )2COa. Th(‘ chromate is much mor(‘ .soluble 
than BaCrO^. Strontium sulfates though more .soluble' than ba- 
rium sulfate, is prccipitatexl by dilute ir2S().| anel se)lul)le sulfates; 
strontium is separateel from calcium by virtue e)f the' smaller solu- 
bility of SrS04. The se)hibility of the e*hromate^ as we*ll as that of 
the e)xalatc is intermediate betweeai the^ corresponding salts of 
barium and calcium. 

PRELIMINARY EXPERIMENTS 

1. Precipitation of Strontium Carbonate. Aelel dilute NH4OH 
to 2 ml. of the Sr(N03)2 te;st .solution, heat to boiling and then add 
(NH4)2C03 reagent. Write the re'action. SrC’()3 is about as in- 
.soluble in water and ammonium salts as BatXJs. 

2. Behavior toward K 2 Cr 04 . Filter off and di.s.se)lvc the SrCOa 
in hot, dilute acetic acid. Add a few drejps ejf K2f '*'04 resagent to 
the filtrate. Note the result. Only when the amount of stron- 
tium ion is considerable will a precipitate of SrCr04 form. 

3. Behavior toward Sulfate Ion. To 2 ml. of Sr(N03)2 add 
some (NH4)2S04 reagent and warm. SrS04 will be precipitated 
after standing a few minutes. It is more; soluble in water than 
BaS04. Repeat the experiment, using a .saturated solution of 
CaS04 as precipitating agent. Does SrS04 precipitate? Com- 
pare these results with those under calcium below. 

4. Behavior toward the Oxalate Ion. Add some (NH4)2C204 
reagent to some .strontium test solution. Note the result. Stron- 
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tium oxalate, though less soluble than the barium salt, will probably 
not precipitate. 

6. Flame Coloration. Strontium salts when volatilized in a hot 
Aflame color the flame red. Try the flame test, using precipitated 
SrCOa held in the loop of a platinum wire. 

CALCIUM, Ca++ 

/ 

This alkaline earth element is very abundant and of considerable 
technical importance. It occurs widely as limestone and marble 
in the form of CaCOa and finds many uses as the oxide and in 
other forms. 

A glance at the solubility tables (pages 206 and 332) will reveal 
the relative solubility of the carbonate, chromate, sulfate and 
oxalate. Calcium is precipitated along with barium and stron- 
tium as CaCOa. It is isolated from the group filtrate in the form 
of the oxalate, CaC'204. 

PRELIMINARY EXPERIMENTS 

1. Precipitation of Calcium Carbonate. Render 2 ml. of 
Ca(N03)2 test solution ammoniacal With dilute NH4OH and then 
add (NH4 )2C03 reagent. Write the ionic equation for the reaction. 

2. Behavior toward K2Cr04. Filter off the precipitated CaCOa 
and dissolve it with hot, dilute HC2H3O2. Add some K2Cr04 to 
the acetate solution and verify the fact that CaCr04 is too soluble 
to be formed. 

3. Behavior toward Sulfate Ion. Add dilute (NH4)2S04 to a 
few milliliters of test solution. Does CaS04 readily precipitate? 

Add a few milliliters of saturated solution of CaS04 to another 
portion of the test .solution. In which case does more precipitate 
form ? 

To a mixture of Ca(N03)2 and Sr(N03)2 add saturated CaS04 
solution. Show by flame tests that the precipitate formed is SrS04. 

4. Behavior toward the Oxalate Ion. Treat 2 ml. of calcium 
test solution with (NH4 )2C204 reagent. Write the reaction. This 
is the most characteristic reaction of calcium ion and is the test 
for calcium. Calcium is determined quantitatively as well by 
precipitation as CaC204. 

Try the solubility of CaC204 in HC2H3O2. Does it dissolve? 
Will dilute HCl dissolve it? Explain the results. 
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6. Flame Coloration. Study the flame color of calcium by vola- 
tilizing salts of calcium in a hot Bunsen or Meker flame. The 
color is a yellowish red. 

REVIEW EXERCISES — SET 14 

1 . Why are the members of this group precipitated as carbonates rather 
than as sulfates, chromates or oxalates? Group together the reactions 
occurring during the group precipitation. 

2 . How do Sr^'^ and Ca^“^ ions behave toward K2Cr04? Explain 

how a separation might here be made. 

3. Explain the color change when a solution of K2Cr04 is acidified or 
when a dichromate solution is made alkaline. 

4. Will (NH4)2S04 precipitate CaS04 equally as well as it will precipi- 
tate SrS04? Will a saturated CaS04 solution form a precipitate of SrS04 as 
readily as it will form a precipitate of ("aSO-i? 

6 . Given a solution which contains equal amounts of Sr^^ and Ca“^^ ions, 
which reagent would you add, (NH4)2S04 or saturated CaS04, in order to 
precipitate SrS04 in preference to CaS04? Explain what is meant by frac- 
tional precipitation. 

6 . Calculate the ratio of Ca^^ ions to ions in a mixed solution at 

the time when both CaS04 and BaS04 are being precipitated. 

7. Explain why IICl will dissolve CaC204, and 110211302 will not dissolve 
it. 

8 . Using equilibrium relationships, show how ion is retained in 

solution during the precipitation of this group. 

9 . How does the acidification of the K2CIO4 reagent increase the solu- 
bility of SrCr04? 

10 . The Ca^^ test reagent contains 10 milligrams of this ion per milliliter. 
From the data in Table XII calculate the C03“ concentration required just to 
saturate such a solution with respect to Ca^ ^ and ions. 


Outline of the Method of Analysis of This Group 

From an inspection of Table XII, which gives the solubility of 
the carbonates, chromates, sulfates and oxalates of the members 
of this group, it can be seen that the carbonates are uniformly the 
least soluble, and consequently these cations are first precipitated 
as carbonates. 

In the group precipitation, NH4CI is added to the solution along 
with the ammoniacal (NH4)2C03 in order to prevent the precipi- 
tation of magnesium both as Mg (OH )2 and as MgCOa. Mg (OH )2 
cannot precipitate because, by common-ion effect, the high con- 
centration of NH4+ reduces the 0H“ ion concentration to such an 
extent that the of Mg (OH)2 is not exceeded. MgCOa cannot 
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precipitate because the excess of NH4+ ion lowers the concentra- 
tion of the COs” ion, by virtue of the formation of HCOs" ions, 
to such an extent that the relatively large value of the iiCg.p. of 
MgCOs is not reached. The presence of NH4OH in the ammonium 
carbonate reagent, on the other hand, prevents the hydrolysis of 
(NH4)2C03 from going too far to completion, and thus not lower- 
ing the COa” ion concentration to such an amount that the three 
alkaline earth carbonates of this group cannot fail to be precipi- 
tated. 

BaCOa, SrCOa and CaCOa are soluble in acids as weak as acetic 
acid. 


TABLE XII 

Solubilities of Alkaline Earth Salts 
Milligrams per 100 ml. of Water 



Carbonate 

Chromate 

Sulfate 

Oxalate 

Barium 

2. .3 

0.38 

0.23 

8.6 

Strontium 

1.1 

120.0 

11.0 

4.6 

Calcium 

1.3 

400.0 

200.0 

0.56 


Table XII further suggests that the relatively small solubility 
of BaCr04 offers the means of .separating barium from strontium 
and calcium. The experiments have shown that BaCr04 is pre- 
cipitated from an acetic acid solution whereas SrCr04 is not. The 
function of the acetic acid is to convert a certain portion of the 
Cr04’“ into CraOy”, thus lowering the chromate-ion concentration 
so that SrCr04 is not precipitated. (See under “ Chromium,” 
page 193 .) . 

A special case of fractional precipitation is encountered in this 
group in the partial separation of strontium from calcium by means 
of (NH4)2S04. The solubility product constant of SrS04 is 3.6 X 
10 ~^ and that of CaS04 2.2 X 10 ~'* mole per liter. SrS04 therefore 
will precipitate before CaS04 when SO4” ions are added to a solution 
containing both Sr++ and Ca"*^ ions. CaS04 will begin to precip- 
itate along with SrS04 when the concentrations of Sr++ and Ca++ 
remaining in solution bear a ratio to each other proportional to 
the ratio of their respective solubility product constants. The 
ratio is 1 : 610 . This means that a precipitate of pure strontium 
sulfate will form until for every strontium ion remaining there will 
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be 610 calcium ions. After that both SrS 04 and CaS 04 will pre- 
cipitate together. The solution can then be regarded as consisting 
of a saturated solution of both SrSOi and CaSO.t. 


DIAGRAMMATIC SCHEME — GROUP IV 


Solution: 






Precipitate: 

BaCOi 


Concen- 
trated SrCOa 
to 25 ml. 
NH 4 CI. 

NH 4 OH 

and 

(NH4)* 

CO3 

added. 

Filtered. 


CaCOi 


Precipitate: 


BaCr 04 

Dissolved 
in warm 
dilute 

acetic Filtrate: 
acid; 

NaCsHsOi 

and 

K2Cr04 

added. 

Filtered. 


Ca^^ 


Dissolved in IICI, boiled; 
flame test — ^reen 
flame proves Ba. 


Fred pit ate: 
SrCOs 


NaOH, 

NaaCOs 

added. 


’CaCOs 


Precipi- 

tate: 


SrSO. 

Dissolved 
in acetic 
acid; 

small por- 
tion tested 
with CaSOi 
solution. 

If 


Flame 
test — 
deep red 
proves 
Sr. 


SrS04 

formed 


Filtrate: 

] Added 


(NIl4)2S04 
added 
to re- 
maining 
portion. 


(NH4)t- 

C 2 O 4 

— white 
precipi- 
tate ; 

flame 

test 

— yel- 
lowish 
red 

proves 

Ca. 


Practice Analysis of a Mixture ('ontaining Barium, 
Strontium and Calcium Ions 

Group Precipitation. To a mixture containing 5 ml. each of 
Ba"^, Sr++ and Ca+‘'' test solution add 10 ml. of water, make slightly 
ammoniacal with dilute NH4OH and heat almost to boiling. Then 
add, slowly with stirring, the group precipitating reagent, ammo- 
nium carbonate, (NH 4 ) 2 C 03 until the precipitation appears com- 
plete. The precipitate consists of BaCOa, SrCOa and CaCOa. 

After the carbonates have settled, filter them off, washing the 
residue with hot water. Pour several 3-ml. portions of hot, dilute 
acetic acid over the precipitate on the filter paper, thus dissolving 
the carbonates. 
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Separation and Identification of Barium. Dilute the filtrate con- 
taining the acetic acid solution of the dissolved carbonates to 50 
ml., heat to boiling, add 10 ml. of NaC2H302 reagent and then 
K2Cr04 reagent until the solution turns yellow. This shows 
that an excess of the precipitating reagent has been added. The 
yellow precipitate is BaCrO^ Allow this to settle and decant 
off the solution, paSingTt through a filter. This solution con- 
tains the Sr^^ and Ca++ ions. Finally transfer the BaCr04 to 
the filter and wash with hot water until the filtrate no longer runs 
through yellow. Under the conditions of the separation, the pre- 
cipitate should consist solely of BaCr04 and no SrCr04 should 
have formed. 

The identity of the barium chromate should be confirmed by the 
flame test. Di.ssolve the precipitate on the filter with HCl and 
boil the resulting filtrate until the chromate ion is reduced to the 
gr(H‘n chromic ion. Test for barium by dipping a platinum wire 
into the solution and then holding it in the outer top edge of a hot 
Meker or similar burner flame. If a green-colored flame is not pro- 
duced after several trials, dip the wire into the solution, then into 
a little concentrated HCl and finally hold in the hottest part of 
the flame. 

Reprecipitation of Strontium and Calcium. In order to get rid 

of the excess of chromate ions, take the filtrate from the BaCr04 
separation, make it alkaline with NaOH, heat apd add Na2C03 
reagent until precipitation of SrCOa and CaCOa is complete. 

Filter off the SrCOa and CaCOa and wash with warm water until 
the filtrate no longer comes through yellow. Discard this filtrate, 
then dissolve the residue in hot, dilute acetic acid and dilute the 
filtrate to 50 ml. with water. 

Separation and Identification of Strontium. In the analysis of 
an unknown sample, a preliminary test for strontium is made at 
this point by adding saturated CaS04 to a small portion of the 
solution. This preliminary test may be omitted in the present 
procedure and the separation of strontium made directly. 

To the acetic acid solution obtained in the reprecipitation of the 
carbonates, add 5 ml. of (NH4)2S04 reagent, warm and allow to 
stand for several minutes. Filter off the precipitate. 

The precipitate may not be pure SrS04. Any barium which 
failed to precipitate as BaCr04 may now have precipitated 
as BaS04. Furthermore, some CaS04 may have precipitated. 
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This separation of strontium is therefore not shaip. The pre- 
cipitate should be identified as consisting mainly of SrS04 by a 
flame test. 

Make a flame test for strontium by moistening the residue with 
a few drops of HCl and then taking up some of the solid in the loop 
of a platinum wire and holding it in a hot flame. The deep red 
color shows the presence of strontium. 

Identification of Calcium. The filtrate from the SrS04 removal 
contains the calcium. To precipitate this, add ammonium oxalate, 
(NH4)2C204 until CaC204 no longer precipitates. Filter off the 
precipitate and wash with dilute acetic acid. Confirm the presence 
of calcium by the flame test. The flame will have a yellowish red 
color in the presence of calcium. 


THE SOLUBLE CATION GROUP — GROUP V 

MAGNESIUM, Mg++ SODIUM, Na+ 

POTASSIUM, K+ AMMONIUM, NH4+ 

In a systematic separation of the cations into groups by the use 
of HCl, H2S, (NH4)2S and (NH4)2C03 the ions of this group fail 
to precipitate as chlorides, sulfides, hydroxides or carbonates. 
They therefore remain in solution as ions and must be detected by 
separate, individual tests. Though the carbonate and hydroxide 
of magnesium are relatively insoluble, the use of NH4CI, supplied 
in the precipitation of Groups III and IV, prevents the formation 
and removal of Mg(OH)2 and MgCOa; hence Mg++ ion will re- 
main in solution and is here included as a member of this group. 
The alkali elements, potassium and .sodium, properly belong to this 
group; in more elaborate schemes of analysis the other three alkali 
metals, lithium, rubidium and cesium are also detected here; for 
this reason this group is sometimes referred to as the “ alkali metal 
group.” The ammonium ion is included here, for discussion, study 
and experimentation, because it resembles potassium in its tend- 
ency to form certain characteristic insoluble salts similar to those 
of potassium. 

The ions of this group are identified by separate, specific tests. 
Since ammonium compounds have been added during the systematic 
separation of preceding groups, the test for this radical is always 
made on a separate portion of the original sample. 
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MAGNESIUM, Mg++ 

Most of the salts of magnesium are soluble in water. The hy- 
droxide, carbonate, phosphate and ammonium phosphate, however, 
are not. Mg(OH)2 and MgCOa cannot form in the presence of an 
excess of NH4CI, hence magnesium is prevented from precipitating 
in the preceding groups. The sulfide is too readily hydrolyzed to 
be precipitated. 

From an analytical standpoint the most important salt of mag- 
nesium is magnesium ammonium phosphate, MgNH4P04, a white 
finely crystalline precipitate, which forms: 

Mg++ + NH 4 + + P04^ = MgNH4P04 

in an ammoniacal solution in the pre.sence of an ammonium salt 
such as NH4CI. The reaction is used as the basis for the detection 
as well as the quantitative determination of magnesium. Con- 
versely, the same reaction may be utilized in the detection and 
determination of phosphates, and an analogous reaction with the 
As 04“ ion serves as a method for the detection of arsenic. 

A sensitive test for magnesium is the formation of a “ lake ” 
or adsorption complex with the dye, para-nitrobenzene-azo- 
resorcinol. The organic compound has the structural form shown 
by the formula : 

OH 



In an alkaline solution, the Mg++ fonns Mg(OH)2 which then ad- 
.sorbs the dyestuff, producing a deep blue color. 

PRELIMINARY EXPERIMENTS 

1. Non-Precipitation of Mg(OH )2 and MgCOa in Ammonium 
Chloride Solutions. To about 2 ml. of Mg(N03)2 test solution 
add a few milliliters of NH4CI solution and then add NH4OH. 
Repeat the experiment, omitting the NH4CI. In which solution 
does precipitation occur? Explain the action of NH4CI on the 
basis of ionic equilibrium and solubility product relationships. 

Repeat the experiment, using (NH4)2C03 as the precipitating 
agent; add NH4CI in one case and omit it in the other. The 
white precipitate in the one case is a basic carbonate of magnesium. 
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2. Precipitation of Magnesium Ammonium Phosphate. To a 

few millilitei*s of Mg(N03)2 test solution add a few crystals of 
NH4CI and then NH4OH until the solution is ammoniacal. Then 
add Na2HP04 reagent. Write the reaction. Why was NH4CI 
added first? If precipitation docs not take place at once, allow 
the test to stand for some minutes or rub the inside of the test 
tube with a stirring rod to start precipitation. 

3. Para-Nitrobenzene-Azo-Resorcinol Test. To 1 ml. of neu- 
tral or slightly acid test solution add an equal volume of the reagent. 
What color change takes place? What type of product is formed? 
In case a yellow color results, repeat the experiment with a less 
acid test solution. 

AMMONIUM, NH4^ 

The ammonium ion resembles potassium in many of its reactions. 
Its insoluble salts, such as the acid tartrate, chloroplatinate and 
cobaltinitrite, have about the same solubility as the corresponding 
salts of potassium. P'or this reason ammonium salts must be re- 
moved from solutions which are being used for potassium. For 
the reason that ammonium salts have been introduced as group 
reagents in preceding groups, the test for NH4+ must always be 
made on a portion of the original sample. 

The test most commonly lused to detect the presence of ammo- 
nium salts is the action of NaOH. This strongly ionized base will 
liberate NH3 from solutions containing the NII4+ ion, and the 
presence of NH3 can be shown by its ability to turn moist litmus 
paper blue. 

The liberation of NH3 from solutions of ammonium compounds 
by NaOH is explained as follows: The action of the strong base 
on the ammonium salt present is first to form NH4OH, because 
this compound is a weakly ionized substance : 

NH4+ + OH" ^ NH4OH 

Ammonium hydroxide isHn equilibrium with NH3 and H2O, since 
it is produced by the reaction of ammonia with water: 

NH4OH — NH3 4- H2O 

Addition of a large excess of OH" ions from the strong base will 
repress the ionization of NH4OH. But the concentration of non- 
ionized NH4OH is limited by its equilibrium with NH3, and to 
maintain the above constant, NH3, as gas, is evolved from the 
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equilibrium mixture. The ammonia reacts with the water on the 
moist litmus paper, forming the base which gives the blue color. 

Sodium cobaltinitrite, Na 3 Co(N 02 ) 6 , gives with ammonium 
salts a yellow precipitate of (NH4)3Co(N02)6, similar in appear- 
ance to that formed by potassium salts. 

Chloroplatinic acid, H2PtCl6, yields a yellow precipitate of am- 
monium chloroplatinate, (NH4)2PtCl6, with .solutions containing 
In the absence of potassium, which yields a similar pre- 
cipitate, this reaction is a good test for ammonium salts and con- 
stitutes a quantitative method of analysis as well. When ignited, 
(NH4)2PtCl6 leaves a residue of spongy platinum: 

(NH4)2PtCl6 = 2 NH 3 + 2HC1 + ^ -I- R 

Tartaric acid, H2C4H4O6, precipitates from concentrated solu- 
tions of ammonium salts white crystalline ammonium acid tar- 
trate, NH4HC4H4O6, similar in appearance to that produced by 
potassium. 

When ammonium nitrate is strongly heated, it is decomposed 
into nitrous oxide and water, and thereby completely volatilized: 

NH4NO3 N2O + 2H2O 

This is the method by which ammonium salts are removed from 
mixtures which are to be examined for potassium. 

PRELIMINARY EXPERIMENTS 

1. Test for Ammonium Ion. To a few milliliters of NH4NO3 
test solution in a small beaker, add 1 ml. of NaOH solution. Stir 
the mixture. Hold over the solution a piece of moistened red or 
neutral litmus paper. If no color change occurs or if the odor of 
NH3 is not evident, cautiously warm the mixture, again testing 
the vapors with litmus paper. Explain the action of NaOH, in 
terms of ionic equilibria and common-ion effect. Write reactions 
to show why NH3 is evolved. 

2. Decomposition of Ammonium Compounds. Add concen- 
trated HNO3 to a few milliliters of NH4CI or NH4NO3 solution, 
evaporate carefully to dryness in a small evaporating dish and 
then heat the dish to a dull red heat. Does a residue still remain ? 
Do sodium and potassium salts show the same behavior? 

POTASSIUM, K+ 

The potassium ion is always monovalent. The oxide, K2O, is 
relatively unimportant but the hydroxide, KOH, is an important 
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reagent. It is formed when the metal reacts with water: 

2K + 2 H 2 O = 2K+ + 20H" + H 2 

A solution of KOH is highly ionized and hence strongly alkaline. 
The commoner salts of potassium are rather soluble in water. The 
insoluble salts are the cobaltinitrite, the chloroplatinate, the acid- 
tartrate and the perchlorate. The precipitation of these salts may 
be used as tests for potassium, provided the ammonium ion is absent. 

When sodium cobaltinitrite is added to a dilute solution contain- 
ing potassium ion, there is formed a yellow precipitate of potassium- 
sodium cobaltinitrite, according to the equation : 

2K+ + Na+ -1- Co(N 02)6^ = K2NaCo(N02)8 ’ 

If much potassium is present, the compound will have the composi- 
tion represented by the formula K3Co(N02)6- As already noted, 
ammonium ion precipitates (NH 4 ) 2 NaCo(N 02 ) 6 ; hence, in using 
this reaction as a test for potassium, ammonium salts must be 
absent. 

Potassium chloroplatinate, K 2 PtCl 6 , a yellow precipitate, is 
formed when chloroplatinic acid (a solution of platinum in aqua 
regia) is added to a strong solution of a potassium salt such as the 
nitrite. The reaction is: 

2K+ -b PtClft- = KaPtCle 

This is another good test for potassium and is one of the methods 
used for the quantitative determination of potassium. Since the 
NH 4 + ion produces (NH 4 ) 2 PtCl 6 , similar in color, this test can 
only be used in the absence of ammonium .salts. 

A solution of tartaric acid, or of sodium acid tartrate, will precip- 
itate potassium acid tartrate, KHC 4 H 4 O 0 , from a neutral solution 
of a potassium salt. 

K+ -f- HC4H406' = KHC 4 H 4 O 6 

As with the two other reactions already cited, the presence of 
NH 4 + interferes. 

Perchloric acid, HCIO4, precipitates KCIO4 from alcoholic solu- 
tions containing K+ ion. The reaction is used quantitatively for 
the determination of potassium. 

PRELIMINARY EXPERIMENTS 

The instructor will specify which of the following reactions 
should be studied. 
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1. Reaction with Sodium Cobaltinitrite. To about 1 ml. of the 
test solution add an equal volume of sodium cobaltinitrite and allow 
the test to stand for several minutes. Write the equation for the 
reaction. It should be remembered that the corresponding am- 
monium salt is also insoluble. 

2. Chloroplatinate Test. The reaction with this reagent con- 
stitutes a sensitive test for potassium and is one of the methods by 
which potassium is determined quantitatively. The reagent is ex- 
pensive; the instructor will specify whether this reaction is to be 
carried out and will personally dispense the reagent. 

Place a few drops of test solution on a watch glass or in a test 
tube and ask the laboratory instructor to add a drop of the chloro- 
platinic acid. What forms? Give the equation. 

The ammonium ion forms (NH4)2PtClo, similar in appearance 
to the potas.sium salt. 

3. Reaction with Perchloric Acid. Add to 2 ml. of the test solu- 
tion of KNO3 an equal volume of ethyl alcohol, C2H5OH, and then 
add, drop wise, a dilute .solution of perchloric acid, HCIO4. This 
i-eaction will distinguish potassium fx’om sodium. The quantitative 
determination of pota.s.sium can be carried out by this reaction. 

4. Precipitation of Potassium Acid Tartrate. Add a few milli- 
liters of tartaric acid .solution, H2C4H4O6, or sodium acid tartrat.e, 
NaHC4H406, to 2 ml. of the KNO3 test solution and shake vig- 
orously. What is the composition of the precipitate formed? See 
CJ^riment 5 for ammonium. 

6. Flame Coloration. Dip a clean platinum wire into KNO3 
test solution contained in a watch glass and hold the wire in the 
outer part of a Bunsen flame. Note the color of the flame. 

Add some NaNOs to the KNO3 in the watch glass and repeat 
the experiment, observing the flame te.st first without and then with 
a thick cobalt glass plate. The blue glass absorbs the yellow rays 
owing to the pre.scnce of sodium and transmits only the color of 
the potassium flame. 

SODIUM, Na+ 

All of the common salts of .sodium are soluble in water. The 
triple salt which forms with zinc uranyl acetate is the best precipi- 
tation test for sodium. The fluosilicate, Na2SiF6, and the pj^roan- 
timonate, Na2H2Sb207, are slightly soluble in water and sometimes 
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employed as tests for this element. The color of the sodium flame 
is an intease yellow. 

Zinc uranyl acetate foniis a pale yellow precipitate with Na"* . 
The precipitate is sodium zinc uranyl acetate, and has the composi- 
tion: 

NaCaHsOa- Zn (C2H3O2 )2-3U02 (C2H3O2 )2-6H20 

High concentrations of potassium will produce a similar triple 
salt. The reagent is a mixture of zinc acetate and uranyl acetate 
in dilute acetic acid solution. 

Fluosilic acid, H2SiF6, will precipitate from solutions of sodium 
salts, in the presence of alcohol, a white gelatinous precipitate of 
Na2SiF6. Potassium must be absent because the similar salt, 
K2SiF6, would be precipitated and NH.i+ must be absent because 
in the presence of ammonium .salts the reagent decomposes into 
orthosilic acid, H4Si04, which re.senibles Na2SiF6 in appearance. 

Potassium pyroantimonate, K2H2Sb207, reacts with sodium salts 
to precipitate sodium p3aoantimonato, Na2H2Sb207, in neutral oi- 
weakly basic solutions. 

PRELIMINARY EXPERIMENTS 

1. Zinc Uranyl Acetate Test. To 2 drops of Na+ test .solution 
in a test tube add a large exce.ss (about 10 drops) of the ac('tate 
reagent. Shake the tube and after .several minutes note tlu^ 
presence of a precipitate. Give its formula. 

2. Flame Test. Thoroughly clean a platinum wire by alternately 
dipping it in concentrated HCl and then touching it to the flame of 
a Buasen burner. Study the color of the flame produced when 
sodium salts are volatilized. Try several different salts of sodium. 
Compare the color with that produced by ammonium compounds. 
Note that appreciable amounts of sodium give an intense, persis- 
tent dandelion-yellow flame whereas the traces of sodium present 
in ammonium salts and most othcT reagents give only a feeble, dull 
yellow flame of short duration. 

REVIEW EXERCISES — SET 16 

1 . Mg(OH)2 is quite insoluble. It forms when Mg ions react with bases 
such as NH4OH. Explain, on the basis of the solubility product principle, 
why Mg(OH)2 is not precipitated in Group III, where NH4OH in the presence 
of NH4CI is used. 
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2 . MgCOs can be precipitated by (NH4)2C03. Explain why it is not 
precipitated in Group IV along with BaCOa, CaCOg and SrCOg. 

3 . Give the reaction which represents a test for magnesium. 

4 . Name and give formulas of four insoluble salts of potassium and two 
of sodium. 

6 . Can sodium be separated from potassium with chloroplatinic acid? 

6. What is a good precipitation test for potassium? Write the reaction. 
Will this test work if NH4+ ions are also present? 

7 . Are potassium salts more volatile in the flame than sodium salts? 
Why use a blue (cobalt) glass? 

8. How do ammonium salts behave with H2PtCl6, Na3Co(N02)6 and 
H2C4H4O6? Can any of these reagents be used for tests if potassium ion is 
present? 

9 . Explain, on the basis of the Law of Chemical Equilibrium, how a strong 
base will displace a weaker base from its salts. 

10 Calculate the approximate ()H“ concentration for a molar solution of 
NH4OH to which a gram-mole of NH4CI has been added. (NH4CI is ionized 
84 per cent. ) 

Practice Analysis of a Mixture Containing Magnesium, 
Ammonium, Potassium and Sodium Ions 

Make up a mixture of the.sc ions by mixing 5 ml. of each of the 
test solutions of these four cations. Use separate portions for the 
individual tests as outlim^d in the accompanying procedures. 

Identification of Magnesium. To about 5 ml. of the test mixture 
add a few crystals of NH4CI, made ammoniacal with NH4OH, and 
then add 2 ml. of disodium hydrogen phosphate, Na2HP04. The 
reaction : 

Mg++ + NH4+ + P04^ = MgNH4P04 

forms the white crystalline saltof magnesium ammonium phosphate, 
usually after standing for some time. 

To confirm this apply the test with para-nitrobenzene-azo- 
resorcinol: To 1 ml. of the test mixture, which should be neutral, 
add 1 ml. of the alkaline organic test reagent. The deep blue pre- 
cipitate (a lake) is due to the adsorption of the dye on the precip- 
itated hydroxide. 

Identification of the Ammonium Ion. To another portion of the 
test mixture, in a small beaker, add a solution of NaOH. Moisten 
a strip of red or neutral litmus paper to the bottom of a watch glass 
and place this over the beaker. Then warm the mixture, being 
careful that no drops of the solution come into contact with the 
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test paper. Ammonia, NH3, will be displaced from the solution 
through the action of the strong base and, on reacting with the 
moisture on the test paper, will render it blue. 

Identification of Potassium. In order to apply the precipita- 
tion tests for potassium the ammonium ion must be removed. 
Proceed as follows: Place about 5 ml. of the solution in a large 
evaporating dish or casserole, add an equal volume of concentrated 
HNO3 and begin the evaporation of the solution. (While this is 
in progress, the identification of sodium and ammonium can be 
carried out.) When the solution is reduced to a small volume 
transfer it to a smaller evaporating dish and carefully apply the 
heat to avoid spattering as the mixture becomes dry. Then ignite 
below a dull, red heat until fumes are no longer given off. This 
treatment volatilizes the ammonium salts: 

NH4NO3 = 2H2O + N2O 
Allow the residue to cool. 

Remove some of the residue to a test tube, dissolve in a few mil- 
liliters of water, adding a drop or two of acetic acid. Filter if 
necessary. To a portion of this filtrate add about 1 ml. of sodium 
cobaltinitrite, Na3Co(N02)6, warm and allow to stand for several 
minutes. The yellow precipitate is potassium cobaltinitrite, 

K2NaCo(N02)6. 

If chloroplatinic acid is available, the test with this reagent is 
carried out as follows: Remove to a watch glass a drop or two of 
the solution from which ammonium salts have been I'emoved and 
ask the instructor to add a drop of H2PtCl6. The yellow precip- 
itate is potassium chloroplatinate, K2PtCl6. 

To apply ilieilam e test, a bit of ,tJb.eigiuted redduej^^ be tafegn 
up in t he looj^qf a platinum wire, held in the outer part of a Bun§en 
flame; the flame must be viewed through a thick blue ,(cjObalt) 
glass. Tfi^^QleLjcolQi.- .to^ aai tta i through. Jihu.jllass, .which 
screens.outth©~y«llow of the sodium, is characteristic of potassiuip. 

Identification of Sodium. To a drop or two of the test mixtur^ 
add 8 to 12 drops of zinc uranyl acetate reagent. In the course 
of five minutes or so, the triple salt, NaC2H302 Zn(C2H302)2- 
3(1102) (C2H302)2'6H20, sodium zinc uranyl acetate will form as a 
pale yellow precipitate. 

T he fl ame test for sodium as conducted here will give a brigni, 
intense veflaw-cq^yr which lasts for some . 
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PART III 

THE REACTIONS OF THE ANIONS 

The anions or acid radicals studied in this course are derived 
primarily from relatively few elements. The acid-forming ele- 
ments which give rise to the most important and commoner acids 
are the following; 


FLUORINE 

CHLORINE 

BROMINE 

IODINE 

SULFUR 

NITROGEN 


CARBON 

BORON 

PHOSPHORUS 

ARSENIC 

CHROMIUM 

SILICON 


From the acids or salts of these elements, by ionization, are pro- 
duced the anions, whose study is undertaken here. They are: 

FLUORIDE, F~ 

CHLORIDE, Cr, and CHLORATE, CIOs ' 

BROMIDE, Br“ 

IODIDE, I" 

SULFIDE, S=, SULFITE, SOs”, SULFATE, SOr, THIOSULFATE, S2O3", 
and THIOCYANATE, CNS“ 

NITRITE, N02“, and NITRATE, NOs" 

CARBONATE, COs”, OXALATE, CjOr, TARTRATE, C 4 H 406 ”, ACETATE, 
C2H4O2 , CYANIDE, CN , FERROCYANIDE, Fe(CN)6““^, and FERRICY- 
ANIDE, Fe(CN)6^ 

BORATE, BO2 , BOs”, B4O7*” 

PHOSPHATE, PO4"" 

ARSENATE, As04^, and ARSENITE, As02~(A808”) 

CHROMATE, Cr04” or Cr207” 

SILICATE, SiOs” 


THE ANALYTICAL GROUPING OF THE ANIONS 

The method by which the anions are placed into several groups, 
subsequently subdivided and finally detected individually follows 
the general principle of that of the cation scheme. The anion 
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scheme used here is that originally proposed by Dobbins and 
Ljung of the University of North Carolina and with certain alter- 
ations has been found to give good results when used by students. 
In this procedure the solution of the ions is kept rather strongly 
alkaline with NaOH in order to minimize the destructive effects 
of oxidation-reduction reactions. The group reagents arc 
Ca(N03)2, Ba(N03)2, Zn(N03)2 and AgN03, thus dividing the 
anions into four precipitated groups and a soluble group. The 
group precipitations are here outlined. 

1 . If Ca(N03)2 reagent is added to a mixture of all anions 
there will be precipitated calcium carbonate, CaC Qa ^alcium 
oxalate^ CaC204, calcium fluoride, CaF2, calcium metaborate, 
Ca(B02)2, calciurp sulfite, CaRO^, ealeinTn arsenite, Ca(As02)2, 
calcium arsenate, Ca3(As04)2, c alcium phosphate. Caq('PQ.i-) <>. 
calcium tartrate, CaC4H40e, and^ calcium silicate, CaSiOa. It 
may happen, also, that some Ca(OH)2 precipitates. This 
group of calcium salts is Group I. The supernatant liquid 
or filtrate will contain all other anions of which the mixture is 
composed. 

2 . If to the filtrate is next added Ba(N03)2 reagent, insoluble 
barium sulfate, BaS04, and barium chromate, BaCr04, will form. 
This then is GrlJup 11 . 

^ 3 , Zn(N03)2 is the reagent for GroUp III and will precipitate 
zinc sulfide , ZnS, zinc cyanide, Zn(CN)2, zinc ferrocyanide, 
^n^Fe 7 C^ 6 > ^^'Wd zinc ferricyanido, Zn3[Fc(CN)6]2. 

4 . Having removed, successively, the insoluble calcium, barium 
and zinc salts, if now AgNOs reagent is added, there will be pre- 
cipitated silver_^i osulfate. Ag2S203, silver thiocyanate, AgCNS, 
silver iodide, Agl, silver hromldcj^ AgBr, and silver chlori(^‘, 

This is GrbuprfV: 

5 . There remain, unprecipitated by the group reagents, the 

chlorate, ClOa", the Acetat^^, ; th e nitrite, NO a", and the 

nitrate. NQq~. T hese may be considered Group V. 

This grouping of the anions is shown diagrammatically on the 
following page. 

The properties, reactions and tests for the anions are described 
in the following sections. In the systematic analysis of mixtures 
the test for nitrates must be made on a separate portion of the 
original mixture, because the nitrate ion is introduced through the 
addition of the group reagents. 
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THE CALCIUM NITRATE GROUP — GROUP I 


CARBONATE, CO3" 
OXALATE, CaOr 
FLUORIDE, F“ 
METABORATE, 802“ 
SULFITE, SO 3“ 


ARSENITE, As 02 ~ 
ARSENATE, ASO4® 
PHOSPHATE, P 04 ^ 
TARTRATE, C4H4O6 
(SILICATE, SiOs”) 


The anions of this group are precipitated by Ca(N 03 ) 2 ; the 
calcium salts of all other ions are sufficiently soluble to prevent 
their precipitation here. In a systematic analysis of a solution 
for the detection of anions, the addition of the group reagent, 
1 M Ca(N 03)2 to the solution, which has been made strongly 
alkaline with 4 M NaOH, will result in the precipitation of CaCOs, 
(^aC204, CaF2, Ca(B02)2. Ca(As02)2, Ca3(As04)2, Ca3(P04)2, 
CaC 4 H 406 and CaSiOa, as well as possibly some Ca(OH) 2 . The 
group precipitate, after filtering and thorough washing, is then 
treated with dilute HC- 2 H 3 O 2 , which dissolves all except the 
CaC 204 and CaF 2 . Further details of separation and the dis- 
tinctive reactions which constitute the identification tests are 
revealed in the following preliminary experiments and practice 
analysis. 

The inclusion of silicates in mixtures of anions for student 
analysis greatly complicates the schemp of analysis and they are 
therefore excluded from the systematic scheme. Special pro- 
vision is, however, made for the det(;ction of this ion in silicate 
materials. For details see page 319. 


CARBONATE, COs” 

When carbon dioxide dissolves in water, carbonic acid is formed, 
in accordance with the equation : 

CO2 + H2O H2CO3 

The amount of H 2 CO 3 formed is very small, and the resulting 
solution very dilute with respect to the acid. Carbonic acid is a 
weakly ionized acid, dissociating in two stages, viz: 

H2CO3 H+ -f HC03". 
and HCO3" H+ -f COg”. 

yielding the bicarbonate and the carbonate ion, respectively. 
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Alkali carbonates, such as NaaCOs, hydrolyze to give an alka- 
line reaction : 

COg- + H2O = HCOg' + OH" 

/ 

Bicarbonates also undergo slight hydrolysis with the formation of 

H2CO3: 

HCOa" + H2O = H2CO3 + OH" 

All the metallic carbonates are insoluble in water, with the 
exception of ammonium carbonate and the carbonates of the 
alkali metals. Therefore, when a sample containing soluble or 
insoluble salts is boiled with Na2C03 (or a solid mixture is fused 
with Na2C03) transposition will take place, precipitating the 
metallic ions as insoluble carbonates or, in a few instances, as 
basic carbonates or hydroxides. If, for example, BaS04 is boiled 
or fused with Na2C03, metathesis takes place: 

BaS04 + Na2C03 = BaC03 + 2Na+ + SO4- 

transforming the barium sulfate into barium carbonate, leaving in 
solution S04“ and Na+ ions. This is the basis of the procedure 
used in systematic anion analysis for freeing the sample of the 
l^resencc of objectional cations and, at the same time, for getting 
the sample into solution. The solution thus produced is referred 
to as the “ prepared solution.” 

The carbonate ion is precipitated, as stated above, by prac- 
tically all cations. It is important to note that this is especially 
true of the cations of the group reagents, namely, Ca++, Ba++, 
Zn++ and Ag^ , which form the corresponding insoluble carbonates. 
The reagent of this group, Ca(N03)2, precipitates white CaC03: 

CO-r + Ca++ = CaC03 

The usual test for carbonates depends upon the liberation of 
C/O2 by the action of an acid and the subsequent reaction of the 
GO2 with Ba(OH)2 or Ca(OH)2. When a soluble or insoluble 
carbonate, such as CaC03, is treated with an acid, even one as 
weakly ionized as HC2H3O2, carbonic acid is formed : 

CaC 03 + 2 H+ » H2CO3 + Ca^^- 
The unstable H2CO3 decomposes into carbon dioxide and water: 

H2CO3 CO2 + H2O 
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Then, if the gas is exposed to or led into a solution of Ba(OH)2, 
insoluble BaCOa forms; 

CO2 + H2O + Ba(OH)2 = BaCOa + 2H2O 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. Treat 2 ml. of NaaCOa test solu- 
tion with the Ca(NOa)2 reagent. What forms? Record the 
reaction. 

2. Test for Carbonate. Decant the supernatant liquid. Hold 
a drop of Ba(OH)2 in a loop of a platinum wire and place it over 
the mouth of the test tube containing the CaCOa precipitated in 
experiment 1. Then add a few drops of dilute (12.5 per cent) 
acetic acid. What happens to the CaCOa and to the drop of 
Ba(OH)2? Give the equations. 

OXALATE, C20r 

Oxalates are the salts of oxalic acid. This organic acid is a white 
solid, crystallizing with two molecules of water, H2C204-2H20. 
It ionizes in two stages, viz: 

H2C2O4 H+ + HC204' 
and HC204"^H+ + C2O4" 

It yields acid oxalates and normal oxalates upon reaction with 
bases. Most of the oxalates are relatively insoluble in water. 
The relative solubility of calcium, strontium and barium oxalate 
has already been considered in connection with the separation of 
calcium in Group IV of the cations. 

Calcium oxalate is soluble in strong acids but insoluble in dilute 
HC2H3O2. In this respect it differs, along with CaF2, from the 
calcium salts of the other members of this group; this property is 
used to separate calcium oxalate and calcium fluoride from the 
other calcium salts of this group. 

Oxalic acid and acidified solutions of oxalates are excellent 
reductants. The reduction of KMn04 is used as a characteristic 
test. If KMn04 is added to an acidified solution of an oxalate, 
the mixture will be decolorized, owing to the reduction of the pink 
Mn04” ion to colorless Mn++. The reaction in ionic form is: 

2Mn04' + 16H+ -f 5C204“ = 2Mn++ + 8H2O + IOCO2 
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or, in molecular form: 

2 KMn 04 + 3H2SO4 + 5H2C2O4 = 

2MnS04 + 8H2O + IOCO2 + K2SO4 

It must be remembered that many other reducing agents reduce 
KMn04 with resultant decolorization of the solution. Particu- 
larly will sulfites and arsenites, both members of this group, 
decolorize KMn04 and hence in systematic analysis special care 
must be exercised in the complete removal of these interfering 
reducing ions. 

Since the oxalates of the alkaline earth group (Group IV of the 
cations), namely CaC204, SrC204 and BaC204, are insoluble in 
a neutral or alkaline solution, it is important in the systematic 
detection of the cations that the presence or absence of oxalates 
be known before beginning the precipitation of Group III of the 
cations and, if iDrcsent, they must be removed. The method of 
removal .consists in destroying the oxalate, along with tartrates 
and similar organic matter, by fuming down with concentrated 
H2SO4 and HNO3. When oxalic acid is heated with concentrated 
sulfuric acid it decomposes, yielding CO, CO2 and other products. 
For the manipulative details of this step in the removal of inter- 
fering oxalates see the procedure on page 308 . 

PRELIMINARY EXPERIMENTS 

1 . Action of Group Reagent. To 5 ml. of sodium oxalate test 
solution add a few drops of dilute NaOH and then Ca(N03)2. 
What forms? Write the equation. 

Filter off the precipitate, transfer it to a test tube and add 1 or 
2 ml. of dilute HC2H3O2. Docs the solid appear to dissolve? 

2 . Decolorizing Test with KMn04. Treat the precipitated 
GaC204 obtained in experiment 1 with dilute H2S04jand then 
add a drop or two of dilute KMn04. Observe the result. Write 
the equation .showing the reduction of the Mn04” ion. 

FLUORIDE, F“ 

Most of the fluorides are insoluble in water, the notable excep- 
tions being those of silver, mercury (ic), tin (ic), aluminum, so- 
dium, potassium and ammonium. 

Calcium fluoride is an important salt. It is formed when Ca'''+ 
is added to a soluble fluoride. CaF2, like CaC204, is insoluble in 
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dilute acids, such as HC2H3O2. The insolubility of CaF2 in 
acetic acid serve's to separate F" as well as fiom the other 

members of this group. 

Fluorides are derived from the acid, hydrofluoric acid, which is 
a liquid boiling at 19.4° C. The commercial acid, dispensed in 
non-glass containers, is an aqueous solution containing about 50 
per cent HF. It is a weakly ionized monobasic acid. 

Hydrofluoric acid is formed when a fluoride, such as CaF2, is 
treated with H2SO4 ; the equation is : 

CaFa + FI2SO4 = 2HF + C’aS04 

The most useful property of this acid is its ability to react 
with silica and silicates. Upon this property n^sts the test for 
fluorides, the etching test. With SiOa the acid forms silicon 
tetrafluoride : 

4HF -h SiOa = SiF4 -h 2H2O 

In the case of glass, which is a silicate, the action of the acid leaves 
the surface etched. 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 5 ml. of fluoride t est solution, 
add some Ca(N03)2 reagent. Record the equation for the 
reaction. 

Without attempting to filter, add dilute! acetic aeiid to the pre- 
cipitated CaFa. Does the precipitate di.ssolve? What other 
calcium salt of this group shows a similar behavior? 

2. Etching Test. Precipitate CaFa from 5 ml. of fluoride test 
solution, filter, and transfer the precipitate to a glass .slide or plate 
of glass. Make a depro.ssion in the center of the mass. Coat the 
underside of a wat(;h glass with paraffin wax and s(!ratch some 
charactei'S, such as your initials, through the waxed surfac(!. 
Then add 2 or 3 drops of concentrated H2SO4 to the CaFa, cover 
this with the watch glass and allow to stand for half an hour. 
Remove the wax from the watch glass and note what happened. 
Write the equations. 

BORATE, BO2 , B4O7 t BOj' 

The element boron forms three acids, namely orthoboric acid, 
H3BO3, metaboric acid, HBOa, and tetraboric or pyroboric acid, 
H2B4O7. Orthoboric acid, sometimes also called boracic acid, is 
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a white solid. Although it contains three replaceable hydrogens 
and therefore is tribasic, its primary ionization is rather feeble, 
taking place in accordance with the equation: 

H3BO3 ;=± H+ + H2B03“ 

Boric acid behaves thus as a weak monobasic acid. 

The commonest salt of boron is borax, or sodium tetraborate, 
Na2B407, derived from tetraboric acid. Borax hydrolyzes first 
into free boric acid and the metaborate ion, which in turn hydro- 
lyzes still further as shown in the equations: 

B4()7“ + 3HOH = 2H3BO3 + 2B02~ 

BO2" + 2HOH = H3BO3 + OH“ 

A solution of borax therefore contains, in addition to B407“ ions, 
free boric acid, metaborate ion and hj^droxyl ions, and shows an 
alkaline reaction. 

Calcium nitrate when added to a borax solution will precipitate 
the metaborate: 

Ca++ d- 2BO2" = Ca(B02)2 

Barium nitrate produces a similar effect. Silver nitrate pre- 
cipitates AgB02 from rather concentrated borax solutions; from 
dilute solutions containing a greater proportion of OH~, Ag20 is 
precipitated. 

Some of the compounds of boron are volatile and burn with a 
green flame. Methyl borate, (CH3)3B03, and ethyl borate, 
(C2H5)3B03, are two such compounds. These compounds are 
readily produced by the action of the corresponding alcohols on a 
solution of boric acid. In the case of methyl alcohol, the equation 
is: 

H3BO3 + 3CH3OH = (CH3)3B03 + 3H2O 

Borax, it will be recalled, is used in fused form as a bead test 
for cobalt and nickel. Refer to these bead tests under cobalt and 
nickel. 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 5 ml. of borax test solution 
add Ca(N03)2 reagent. What forms? Write the equation. 

Add a little dilute acetic acid to the precipitate. Does it 
dissolve? 
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2 . Turmeric Paper Test. Dip a strip of turmeric paper into a 
strong solution of borax, slightly acidified with HCl. After 
drying, the paper will turn reddish brown. The drying is best 
accomplished by placing the test paper on a watch glass and 
placing this in turn over a beaker of boiling water. The color will 
turn greenish black if the paper is afterwards moistened with a 
drop of NaOH. 

3. Flame Test.' Add a few milliliters of concentrated H 2 SO 4 to 
2 ml. of the borax te.st solution in a small evaporating dish and then 
add a little methyl alcohol. Stir the mixture and light the vapor. 
Observe the color of the flame. To what is the color due? The 
concentrated H2SO4 serves to remove the water formed in the 
reaction. 


SULFITE, SO3" 

The element sulfur forms a large number of acids. The more 
common ones for which detection is here provided are hydro- 
.sulfuric (hydrogen .sulfide), H2S, sulfurous, H2SO3, sulfuric, 
H2SO4, and thiosulfuric, H2S2O3. The anion of sulfurous acid, 
the sulfite ion, is tested for in this group; sulfates are tested for 
in Group II, sulfides in Group III and thiosulfates in Group IV. 

The free acid, sulfurous acid, H2SO3, is unstable and exists only 
in solution. It is formed by dissolving the anhydride, SO2, a gas, 
in water: 

SO2 + H2O = H2SO3 

In such an aqueous solution, most of the SO2 remains as dis- 
solved gas and very little is combined as H2SO3. 

The acid ionizes, like all dibasic acids, in two stages: 

H 2 S 03 ^H+ -f HSO3 

and HSO3" ;;=± H+ -f SO3- 

giving rise to the bisulfite ion and the sulfite ion. The ionization 
constant for the primary stage is 1.7 X 10“^; for the secondary 
stage the constant is 5 X 10“®. Partial and complete neutrali- 
zation of sulfurous acid by bases produces bisulfites and .sulfites, 
respectively. 

All sulfites, except those of the alkali metals, are practically 
insoluble in water. Most of the bisulfites, on the other hand, are 
soluble in water. 
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The most iotcresting and analytically useful property of sul- 
fites, when acidified, and of sulfurous acid itself is a strong reducing 
action. Oxidizing agents such as K 2 Cr 207 , KMn 04 and I 2 arc 
reduced, the being oxidized to S 04 “. The sulfite ion will 

likewise reduce HgOl 2 to Hg 2 Cl 2 to form a distinctive white pre- 
cipitate. The reaction is used as a tost for SOa^, the reaction 
being: 

SO3" + 2HgCl2 + H2O = HgaCla + S04“ + 2H+ -b 201“ 

But under certain conditions this anion may also act as an oxidiz- 
ing agent. For example, toward H 2 S it acts as an oxidant, in an 
acid solution : 

H 2 SO;, + 2 H 2 S = 3S -b 3 H 2 O 

Calcium nitrate readily pr(!cii)itates white C'aSOa. The pre- 
cipitate is easily soluble in acids, even dilute HC 2 H 3 O 2 . Acids 
stronger than acetic decompose sulfites with evolution of SO 2 : 

(•aSOa + 2 H+ = H 2 SO 3 + Ca++ 

H2SO3 SO2 + H2O 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 2 ml. of the sodium sulfite 
test solution add some Ca(N 03)2 reagent. Note the formation 
of a precipitate. What is it? Write the ecjuation. 

Barium nitrate and zine nitrate produce similai- precipitates. 
With AgNOs, white Ag 2 S 03 is produced; this decomposes on 
boiling. 

Treat the CaSOs obtained above with dilute HC 2 H 3 O 2 . Note 
what takes place and write the equations. 

2. Nitroprusside Test for Sulfites. To 1 ml. of saturated ZnS 04 
solution in a test tube add several drops of sodium nitroprusside 
solution. To this add 1 ml. of sulfite test solution. A dark 
red solution should result. Add several drops of potassium ferro- 
cyanide solution and note that a white precipitate forms upon 
which the red color is adsorbed. 

3. Reducing Action of the Sulfite Ion. To 8 or 10 ml. of hot, 
saturated mercuric chloride solution add a few milliliters of Na 2 S 03 
test solution . What is the wh ite precipitate ? Record the reaction 
in your notebook. 
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ARSENITE, ASO2" 

Arsenites, in their relation, to tlwi detection of ai’senic among 
the cations, have already been ])artly discussed in division B of 
Group II of the cations, to which the student should now refer 
(see page 151). The most important of the trivalent forms of 
arsenic are meta-arsenious acid, HAsOa, and the sulfide, AS2S3. 
The acid is derived fi-om AsjGs, which whciii dissolved in water 
first forms the ortho-acid, which then ptisses over into the meta 
form: 

AS2O3 -I- 3H2O = H3ASO3 
H3ASO3 ITAs02'+ II2O 

The oxide is soluble in acids and in bases; this shows it to be 
amphoteric. The acid exists only in solution. The test sohition, 
NaAs02, is derived from the meta acid. 

Many ai'senites are insoluble in wat('r. I'lius, calcium meta- 
arsenite is readily prccipitahKl by calcium ion as C'a(As02)2' 

Ca++ + 2 As 02“ = Ca(As02)2 

This precipitate dissolves in acetic acid as w(‘ll as stronger acids. 

The arsenite ion is a strong reducing ag(*nt and is easily oxidized 
by oxidizing agmits, especially in acid sojulion. Thus if a mixtun^ 
of arsenite and chromate, such as one might have in an “ un- 
known,” is acidified, rapid reduction of the dichromatc to chromic 
ion takes place. 

Cr207“ “1” 2H'^ -}" 3 As 02 — 2Cr'^"^ -f- H2O T 3As04“ 

This reduction takes place to a slight extcmt even in an alkaline 
solution, but not sufficiently to make the detection of arscnih^ 
impossible. 

Potassium permanganate is reduced and decolorized by th(( 
arsenite ion in an acid solution and for this reason, when KMnCh 
is used as the test reagent for oxalates, arsenites as well as sulfites 
must be thoroughly washed out of the CaC204 residue. 

The oxidizing agent used to detect arsenites is iodine; the 
reaction is: 

As 02 T I2 "h 2H2O ASO4® -f- 21 -f- 4H'*' 

Special attention is called to this reversible reaction since the 
test for arsenates, as described later, coasists of reducing the arson- 
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ate with the iodide ion. The reaction is the reverse of the above 
reaction. 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 5 ml. of NaAsOa test solution 
add a little Ca(N03)2 reagent. Write the equation. 

Treat the precipitate with dilute HCjHsOg and note what 
happens. 

2. Test for Arsenite. To .several milliliters of arsenite test solu- 
tion add a few drops of starch solution, as indicator, and then a few 
drops of dilute (0.01 N) iodine .solution. Is the starch-iodine com- 
plex decolorized? Write the equation showing the reduction of 
the iodine. 

ARSENATE, As04^ 

Arsenates are derived from arsenic acid; this, in turn, may be 
formed in aqueous solution by dissolving the anhydride, AS2O5, 
in water: 

AS2O5 + 3H2O = 2H3ASO4 

Arsenic acid as a tribasic acid undergoes ionization in three stages, 
producing the primary, secondary and tertiary arsenate ions, 
H2ASO4”, HASO4’ and As 04“, respectively. Arsenates are anal- 
ogous to the corresponding orthophosphates. Th(‘ anion test 
solution is made from dlsodium arsenate, Na2HAs04. 

Calcium nitrate precipitates the normal or tertiary amenate: 

3Ca++ -h 2ASO4* - Ca3(As04)2 

readily soluble in dilute HG2H3O2. 

The tests for arsenic, as de.scribed on page 166 and carried out 
in the scheme for the detection of cations, consist in the pre- 
cipitation of (1) ammonium arsenomolybdate, (NIi4)3As04- 
12M0O3; (2) magnesium ammonium arsenate, MgNH4As04, and 
(3) Ag3As04. In the presence of phosphates these tests for 
As 04^ cannot be performed, since the P04^ ion produces similar 
results with the reagents employed. 

The test recommended here consists of the reduction of the 
arsenate ion with potassium iodide in a strongly acid solution : 

As 04“ -|- 21 4 H'*' ^ As 02 “t” I2 "b 2H2O 

This is the reverse of the test for the arsenite ion in which the latter 
is oxidized by iodine. 
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PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. Add to 2 ml. of arsenate test 
solution a few drops of dilute NaOH and then Ca(N03)2 reagent 
until precipitation is complete. Write the equation. 

Treat the precipitate with acetic acid. Does it dissolve? 

2. Test for Arsenate. Add 1 ml. of concentrated HCl to 2 ml. 
of arsenate test solution and then add potassium iodide. To what 
is the brown color due? Write the equation. Compare this test 
with the test for arsenites. 

PHOSPHATE, P04= 

The element phosphorus forms three well-known phosphoric 
acids, namely orthophosphoric acid, H3PO4, metaphosphoric acid, 
HPO3, and pyrophosphoric acid, H4P2O7. It also forms phos- 
phorous acid, H3PO3. Only the orthophosphoric acid will be 
considered here. 

Orthophosphoric acid, in the pure state, is a white solid. Ordi- 
narily, it is a thick syrupy solution containing about 85 per cent 
of H3PO4. It ionizes in three stages : 

II3PO4 H+ + H2PO4" 

V 

H2PO4" HPO4- 

HPO4- H+ -f P04^ 

the extent of the ionization of a 0.1 M solution being, respectively, 
27, 0.1 and 0.0001 per cent. 

Orthophosphoric acid forms three series of salts, derived by the 
successive neutralization of the three replaceable hydrogens and 
known as primary, secondary and tertiary orthophosphates. 

Phosphates when in solution undergo partial hydrolysis accord- 
ing to the equations : 

PO4" + H2O HP04“ + OH" 

HPO4- -f H2O H2P04~ + OH' 

H2P04' + H2O H3PO4 -f OH" 

The test solution used in the laboratory is prepared from the 
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disodium salt, Na2HP04. Most of the phosphates are insoluble 
in water; practically all are soluble in acids. From a practically 
neutral solution of Na2HP04, calcium nitrate will precipitate 
CaHP 04 : 

Ca++ + HP04“ = CaHP04 

In a strongly alkaline solution, such as exists during the group 
precipitation, the addition of Ca(N03)2 produces mainly the 
normal phosphate, Ca3(P04)2. This compound is soluble in 
dilute acetic acid. Barium, zinc and silver ions form similar 
insoluble phosphates. 

Like the arsenate ion, P04“ will react with ammonium molyb- 
date in a nitric acid solution to form a finely crystalline yellow 
precipitate of ammonium phosphomolybdate. The ionic equation 
is: 

P 04 =" + 12 Mo 04 “ + 24 H+ - 1 - 3NH4+ = 
(NH4)3P04l2Mo03 + I 2 H 2 O 
In molecular form this equation becomes : 

H3PO4 + 12(NH4)2Mo04 + 2IHNO3 = 
(NH4)3P04-12Mo03 + I2H2O + 2INH4NO3 

In the systematic detection of phosphates in samples which 
also contain arsenates, this reaction can only be utilized as a test 
for phosphates, after the removal of the arsenic. In the scheme 
outlined later, arsenates, as well as arsenites, are precipitated and 
removed by treatment with H2S. 

With magnesia mixture, the P04= ion, like the As04^ ion, forms 
a white crystalline precipitate of magnesium ammonium phosphate : 

Mg+^ -1- NH4+ + P04"^ = MgNH4P04 

This reaction, it will be recalled (see Magnesium, page 211 ), is 
an important one for the separation, detection and determination 
of magnesium. 


PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. Place 2 ml. of NaHP04 test solu- 
tion in a test tube, make alkaline with NaOH and then add 
Ca(N03)2 reagent. Write the equation. 
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Treat the precipitate with dilute HC2H3O2. Does it dissolve? 

2. Test for Phosphates. To 5 ml. of test solution, add 5 ml. 
of concentrated HNO3, 5 ml. of NH4NO3 reagent and then 10 ml. 
of ammonium molybdate reagent. Warm the solution. Allow 
to stand for some time in case precipitation docs not take place 
at once. Write the equation for the reaction. 

TARTRATE, C4H406” 

Tartaric acid and alkali tartrates are important analytical 
reagents. Among the better known salts are “ Rochelle salt,” 
NaKC4H406, cream of tartar, KHC4H4O6, and tartar emetic, 
(Sb0)KC4H406. Tartaric acid is a white crystalline solid, 
soluble in water. As a weak dibasic acid it ionizes in two stages : 

H2C4H4O6 ^ H+ + HC4H4O6" 

and HC4H4O6" ^ H+ + C4H406- 

yielding the acid tartrate ion and the normal tartrate ion, respec- 
tively. 

The most important property of the alkali tartrates is the 
readiness with which they form soluble complex ions with many 
metallic ions, such as A1+++, Cr'*"*^, Fe"*"*"^, Co++, Ni++, Cu++, 
Sb+++, Sn++++, etc. For this reason, in the presence of a tartrate, 
many of the metallic ions fail to precipitate as hydroxides when 
treated with alkalies. It is important therefore to test for tartrates 
and effect their removal in the systematic procedures for cation 
detection. Citrates, malates, sugars, starches and many other 
forms of organic materials behave similarly. 

Tartaric acid has the structural formula shown below and when 
ionized yields the tartrate ion, which may have either of the two 
formulas: 


OCOH 

1 

oco 

1 

OCOH 

1 

1 

HCOH;=^ 

1 

1 

2H+ + HCOH 

1 

1 

or HCO”^ 

1 

1 

HCOH 

1 

1 

HCOH 

1 

1 

HCO“ 

1 

1 

OCOH 

1 

OCO" 

1 

OCOH 

(tartaric acid) 




In the ca.ses of cobalt and aluminum, the .structures of the com- 
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plexes are probably : 


0— CO" 

0 — CO 

1 

1 

HCOv 

1 >0 

HCCK 

1 

1 

HCOv 

and 1 yAlOH 

HCO^ 

1 

1 

OCO" 

1 

OCO’ 


PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 5 ml. of test solution (50 milli- 
grams) add a few drops of dilute NaOH and then Ca(N03)2 
slowly until an excess has been added. This results in the inter- 
mediate formation of a complex calcium tartrate ion, and the 
excess precipitates the calcium tartrate. 

Add sufficient dilute acetic acid to the precipitate to dissolve it. 
Note particularly that, in this respect, tartrates differ from oxalates 
and fluorides. 

The following experiments will reveal some of the distinctive 
properties of tartrates. 

2. Charring Test for Tartrates. Heat a small amount of solid 
tartaric acid or sodium tartrate in a small evaporating dish. 
Notice how the mass darkens and chars and gives off an odor like 
that of burnt sugar. The heating decomposes the tartaric acid, 
with the formation of CO, CO2, H2O and carbon and other prod- 
ucts having odors. Repeat the experiment but add a few drops of 
concentrated H2SO4 before heating. A similar effect takes place 
accompanied by the further oxidation of the carbon. 

Tartrates, which interfere with the precipitation of cations, are 
tested for and removed by this means, during the systematic 
detection of the cations of Group III. 

3. Silver Mirror Test. In a clean test tube, place 2 or 3 ml. of 
AgNOa solution and add, dropwise, dilute NH4OH until a precipi- 
tate of Ag20 appears and again dissolves. Then add 1 ml. of tartrate 
test solution and heat slowly. The tartrate reduces the Ag20 to 
metallic silver which deposits on the walls as a bright mirror. 

4. Resorcinol Test for Tartrate. To 3 ml. of concentrated sul- 
furic acid add carefully 2 drops of an aqueous, 2 per cent resorcinol 
solution. The solution will turn a light amber color. Then add 
several drops of the tartrate test solution and heat gradually. A 
dark red- violet solution should result. 
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REVIEW EXERCISES — SET 16 

1 . Write ionic equations showing the formation of the calcium salts of this 
group. What ions of this group are reducing in their nature? Name the 
oxidizing ion of this group. What means is taken to prevent the interaction 
of oxidizing and reducing ions in this systematic scheme? 

2. Why is CO2 liberated when CaCOs is treated with dilute HC2H3O2? 
Give the equilibria involved. Why does HC2H3O2 fail to dissolve CaC204? 

3. Complete and balance, using half-cell reactions, the equations represent- 
ing the action of : 

(а) KMn04 on H2C2O4 in H2SO4 solution — ► 

(б) HgCl2 on H2SO3 -H. 

(c) I2 on ASO2” 

(d) I~ on As04™ 

4. Write the equation for the phosphate test; using ammonium molybdate 
in a nitric acid solution. Show, by writing the corresponding equation for 
H3ASO4, why arsenates must be removed before the molybdate test is decisive 
for phosphates. 

6 . What relation do the tests for arsenite and arsenate have with respect 
to the presence of arsenic in a sample of material as referred to a cation analysis? 

6 . In a systematic analysis of a sample of material a white precipitate was 
found to form w'hen Ca(N03)2 was added to a basic solution of the anions. 
No anion of Group I could be detected. Account for this result. 

7. Combine the equation for the arsenite test with that for the arsenate 
test into a reversible reaction. Explain how it is possible to use this reversible 
reaction as tests for both anions. 

8. Calculate the gram-ion quantity of Ca;^+ ion required to start the pre- 
cipitation of CaC204 in 5 ml. of test solution containing 50 milligrams of 
C204” ion. A's.p. of CaC204 is 2.6 X 10 ”®. 

9 . What volume of 1 M Ca(N03)2 must be used to precipitate completely 
the CO3** contained to 5 ml. of test solution (1 ml. = 10 milligrams)? 

10. Complete and balance the equations for the oxidation of: 

(а) 803“ by Mn04“ in an acid solution; 

(б) SOa** by Cr207'“ in an acid solution; 

(c) As 02~ by Mn04- in an acid solution; 

(d) As 02~ by Cr207““ in an acid solution. 

Outline of Method of Analysis of This Group 

The group is precipitated as a whole by Ca (NO3 )2. The calcium 
salts are all white, hence no distinguishing color can be used to 
indicate the presence of any one anion. Moreover, in the strongly 
basic solution, some calcium hydroxide may precipitate; this 
renders the group reagent useless as a preliminary test for the 
presence of members of this group. 

The solution is kept alkaline with NaOH in order to lessen, as 
far as possible, the interaction of oxidizing and reducing ions. 
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By the use of dilute acetic acid, (a) the calcium carbonate is 
decomposed with liberation of CO2, (6) CaC204 and CaF2 remain 
insoluble and (c) all other calcium salts are dissolved. 

In the solution resulting from the action of acetic acid, tests 
can be made directly for borate, sulfite, arsenitc and arsenate, by 
methods already described under preliminary experiments. 

In order to identify the phosphate ion, the arsenate ion must be 
removed. This is accomplished by first reducing the latter to the 
arsenite form and then precipitating and separating it as AS2S3. 

Mention should be made of the possible presence of silicates. 
If silicate is present in soluble form, a part of it at least will be 
precipitated as calcium silicate and remain in the residue insoluble 
in acetic acid. A special method is described on page 319 for the 
detection of silicates. 

Practice Analysis of a Mixture Consisting of Carbonate, 
Oxalate, Fluoride, Metaborate, Sulfite, Arsenite, Arsen- 
ate, Phosphate and Tartrate Ions 

Place in a beaker 5 ml. of each of the test solutions of the anions 
of this group. Add 2 ml. of 4 M NaOH and then, with constant 
stirring, add 10 ml. of 1 M Ca(N03)2 reagent. Heat the solution 
to boiling, allow to settle and filter off the precipitate, washing it 
twice with 10-ml. portions of water. There will be precipitated 
the calcium salts of these ions along with some calcium hydroxide. 
The reactions are represented by the following equations: 

C03“ + Ca++ = CaC03 

CaOr + Ca++ = CaC204 

2F" + Ca++ = CaF2 

2BO2" + Ca++ = Ca(B02)2 

SO3- + Ca++ = CaS03 

2ASO2" + Ca++ = Ca (As 02)2 

2ASO4®' + 3Ca++ = Ca3(As04)2 

2P04= + 3Ca++ = Ca3(P04)2 

C4H4O6- + Ca++ = CaC4H406 

20H" -f Ca++ = Ca(OH)2 
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Separation of Carbonate, Oxalate and Fluoride. If these cal- 
cium salts are treated with dilute acetic acid, the calcium carbonate 
will be decomposed with evolution of CO2; the CaC204 and CaF2 
remain undissolved while the other calcimn salts dissolve. The 
effect of the acid is shown below: 

CaCOa + 2II+ H2CO3 + Ca++ 

H2CO3 CO2 + H2O 

CaC204 + 2H+ — > no action 
CaF2 + 2HC2H3O2 no action 

Ca (602 )2 + 2 W 2HBO2 + Ca++ 

C'aSOa + 2H+ H2SO3 + Ca++ 

Ca(As02)2 + H+ -> HAsOa + ('a++ 

Ca3(As04)2 + 3H+ H3ASO4 + Ca++ 

Ca3(P04)2 + 3H+ H3PO4 4- Ca++ 

CaC4H406 + 2H+ II2C4II4O6 + Ca h- 
Ca(QH)2 + 2H+ 2H2O + Ca++ 

Identification of Carbonate. Have at hand a platinum wire, in 
the loop m which is held a drop of Ba (011)2 reagent. Treat the 
group precipitate with 25 ml. of dilute (12.5 per cent) acetic acid, 
at the same time holding the drop of barium hydroxide in the 
escaping gas. It will be observed that vigorous effervescence 
takes place during the evolution of CO2 and the drop of alkaline 
reagent turns turbid. These observations constitute the test for 
carbonates. 

Dilute the acetic acid solution with 25 ml. of water, filter off the 
precipitate and wash it repeatedly with small portions of water, 
until separate portions of the washing no longer show a reducing 
action. This complete wa.shing is necessary to remove the last 
traces of sulfite or arsenite which may remain in the precipitate. 
I'he reducing test is carried out by adding a drop of very dilute 
iodine solution containing starch as an indicator, to a small volume 
of the washings ; the blue color of the starch will no longer be dis- 
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charged after sulfide or arsenite have been thoroughly extracted 
from the residue. 

Identification of Oxalate. Treat the residue of CaC204 and 
CaF2 on the filter paper with 20 ml. of hot, dilute H2SO4 and 
wash once with 10 ml. of water. The filtrate from this contains 
the oxalate ion. Take 5 ml. of this solution, heat it to boiling and 
add a few drops of 0.002 M KMn04 solution. The decolorizing 
of the permanganate solution, owing to reduction to Mn++, shows 
the presence of the oxalate ion. 

Identification of Fluoride. The residue remaining after the re- 
moval of CaC204 is CaF2. The etching test for fluorides is con- 
ducted as follows: Coat a small watch glass with paraffin and 
make a scratch or some characters through the paraffin coating, 
in the central portion of the watch glass. Transfer the CaF2 to a 
glass plate or slide, heap it up into a little cone and make a deep 
depression in the center. Place a few drops of concentrated 
H2SO4 in the crater, cover with the watch glass and set aside. At 
the end of about a half-hour, examine the watch glass and note 
that the glass where the surface was exposed by the scratch is 
etched by the hydrofluoric acid evolved from the calcium fluoride. 

Identification of Borate. Take 2 ml. of the filtrate from the 
acetic acid treatment of the group precipitate and evaporate 
almost to dryness. Add a drop of concentrated HCl. Moisten 
a piece of turmeric paper with this solution, place on a watch glass 
over a beaker of boiling water and allow the paper to dry. A 
pink coloration imparted to the paper shows the presence of borate. 
If no coloration results on the first drying, the test paper should 
he treated again as before. To make doubly sure, treat the spot 
with a drop of NaOH; the color should change to a dull green. 

Identification of Sulfite. On a watch glass place a few drops of 
saturated ZnS04 solution, a drop or two of K4Fe(CN)6 solution, 
together with several drops of sodium nitroprusside reagent. 
Then add a drop of the filtrate from the acetic acid treatment. 
The red color produced identifies the sulfite ion in the test mixture. 

To confirm this, take a small portion of the acetic acid filtrate 
and to it add 10 ml. of a hot, saturated solution of HgCl2. The 
white crystalline precipitate which should form is Hg2Cl2. 

Identification of Arsenite. To 5 ml. of the boiled filtrate, from 
which sulfite has been completely removed, add 5 ml. of water in 
order to reduce the acidity. Then add a few drops of starch solu- 
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tion and a few drops of dilute 0.005 M iodine solution. The 
iodine will be reduced by the arsenite, with the disappearance of 
the blue color. 

Identification of Arsenate. To another 5-ml. portion of the 
boiled solution add 5 ml. of concentrated HCl and a small quantity 
of potassium iodide. The iodide ion becomes oxidized by the 
arsenate ion to free iodine whieh gives a brown coloration to the 
solution. 

Identification of Phosphate. Take 20 ml. of the boiled solution, 
add about 1 gram of sodium sulfite in order to reduce the arsenate 
to arsenite, make strongly acid by adding 2.5 ml. of concentrated 
HCl, heat to boiling and pass in hydrogen sulfide until precipi- 
tation of AS2S3 is complete. 

Filter off and discard the arsenious sulfide. Boil the filtrate to 
expel the excess of H2S. The complete removal of H2S should be 
tested for by holding over the boiling solution a strip of lead 
acetate paper, which will become black in the presence of H2S. 
Hydrogen sulfide must be fully eliminated because if present, even 
in traces, it will reduce the ammonium molybdate reagent used 
in the phosphate test. 

The filtrate, now free from arsenic and hydrogen sulfide, can be 
tested for phosphates. Add to 5 ml. (5f this an equal volume of 
water, 5 ml. of concentrated HNO3,* 1 gram of NH4NO3 and 
finally 10 ml. of ammonium molybdate solution. Heat this mix- 
ture nearly to boiling. The yellow precipitate which forms is 
ammonium phosphomolybdate, (NH4)3P04'12Mo03. It may 
require several minutes of standing before the precipitate forms. 

Identification of Tartrate. Transfer the remainder of the solu- 
tion to a small evaporating dish, evaporate nearly to dryness and 
then add a few drops of concentrated H2SO4. Charring, accompa- 
nied by the odor of burnt sugar, shows the presence of tartrates. 

THE BARIUM NITRATE GROUP — GROUP II 

SULFATE, SO 4 ” 

CHROMATE, Cr04“ 

This group consists of the sulfate ion and the chromate ion. 
The precipitating agent is a 0.25 M solution of Ba(N03)2 and 
this, when added to a mixture of anions from which the insoluble 
calcium salts have already been removed, will result in the pre- 
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cipitation of barium sulfate, BaS04, and barium chromate, 
BaCr04. 

SULFATE, SO4” 

Sulfates and bisulfates are derived from sulfuric acid. This 
acid is formed by the reaction of its anhydride, SO3, Avith water: 

SO3 + H2O = H2SO4 

Concentrated sulfuric acid, as ordinarily dispensed in the labora- 
tory, contains about 95 per cent H2SO4 in water and has a specific 
gi'avity of about 1 . 84 . It ionizes almost completely, forming the 
bisulfate ion in the primary stage: 

H2SO4 ^ H+ -t- HS 04 ^ 

The bisulfate (or acid sulfate) ion is weakly ionized: 

HS04' 9+ + S04“ 

Most of the sulfates of the metals are soluble in water, the 
exceptions being BaS04, SrS04 and PbS04. CaS04, Ag2S04 and 
Hg2S04 are somewhat insoluble. The table on page 206 gives the 
solubilities of BaS04, SrS04 and CaS04 in water. 

llic most important compound is BaS04. It is precipitated as 
a white, finely crystalline solid, very insoluble in water, the solu- 
bility; being 0.0023 gram per liter. It is practically insoluble in 
dilute acids. 

The formation of BaS04 and its insolubility in dilute acids is 
the most characteristic property of the sulfate ion and constitutes 
its most important analytical reaction. The barium salts of all 
other anions, particularly BaCr04, are soluble in HCl and other 
strong acids. 

If BaS04 is boiled with Na2C03 a considerable part of the pre- 
cipitate undergoes a metathetical reaction in which the constituent 
ions exchange partneis. That is, BaS04 is transformed into 
BaCOs while the S04“ and Na"*" ions are in solution as ionized 
Na2S04. The reaction may be shown by the equation : 

BaS04 + Na2C03 ^ BaCOg + 2 Na+ -b SO4- 

Fusion with solid Na2C03 is a more effective method of accom- 
plishing the same effect. This is a general method of putting or 
rendering soluble many relatively insoluble substances and is 
applied specifically to the preparation of anion solutions for sys- 
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tematic analysis for the purpose of removing interfering cations. 
Attention has already been directed to this property in the dis- 
cussion of carbonates and will again be referred to under the 
procedure for making the prepared anion solution, page 281. 

PRELIMINARY EXPERIMENTS 

1. Precipitation of BaS 04 . I’o ^ nil, of Na 2 S 04 test seJution 
add dropwise the group reagent, Ba(N 03 ) 2 . Note the nature of 
the precipitate. Record the ionic equation for its formation. 

2. Test for Sulfate. Add some dilute HCl to the test tube con- 
taining the precipitated BaS 04 . Does the precipitate dissolve? 
Why does this observation constitute a test for the sulfate ion? 

CHROMATE, CrOi” (or CnO?”) 

The existence of chromium in anion forms has already been 
pointed out under the study of chromium (page 186). Thus the 
amphoteric hydroxide, Cr(OH) 3 , when treated with NaOH gives 
rise to the orthochromite, CrOs-, and the metachromite, Cr 02 ~ 
ion. Chromic acid, H 2 Cr 04 , does not exist free in an aqueous solu- 
tion, but on ionizing yields the HCr 04 ” and the Cr 04 “ ion. 
Chromates such as K 2 Cr 04 are derived from chromic acid. Di- 
chromates are salts of dichromic acid, H 2 Cr 207 . If a solution of 
a chromate, such as the K 2 Cr 04 test solution, is acidified the color 
changes from yellow to reddish orange, showing the formation 
of the dichromate, Ci^Oy"" ion, the reaction being: 

2Cr04“ + 2H+ 2HCr04' Cr207” + HaO 

Conversely, if a dichromate solution is made alkaline the chromate 
ion is produced and predominates in the solution : 

Cr207- + 20H' 2Cr04“ + HaO 

In both the chromate and the dichromate ion, the valence of the 
chromium is +6, and the predominance of one or the other forms 
depends solely on the hydrogen- and hydroxyl-ion concentrations. 

The precipitation of BaCr 04 , even if doubt remains concerning 
the presence of chromate as judged by the yellow color of this ion, 
in itself constitutes a decisive test for chromates. 

A further test is that with hydrogen peroxide; a blue color, 
sometimes transient, develops in an ether layer. This test has 
already been discussed under chromium, page 189. 
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It should be recalled that the formation of yellow PbCr04 
constituted a good test for lead (see “ Lead,” page 125 ). Further, 
the precipitation of BaCr04 has been utilized not only in the sepa- 
ration of chromium but also in the separation of barium. BaCr04 
unlike BaS04 is soluble in strong acids such as HCl and HNO3. 

The most favorable conditions under which BaCr04 is formed 
have already been referred to, first under chromium (see page 193 ) 
and the separation of this element as BaCr04 from zinc and, 
secondly, under barium (see page 207 ) and the separation of barium 
as BaCr04 from "strontium and calcium. In the anion scheme, 
these conditions are adhered to and the solution being kept faintly 
acid in a buffered HC2H3O2 solution. 

The chromate ion is a strong oxidizing agent, especially when 
in acid medium where it is present as Cr207” and reacts ener- 
getically with a considerable number of reducing ions. This 
property must be carefully taken into account in the analysis of 
samples containing chromates or dichromates, not only in the 
anion scheme but also in the detection of cations. 

Oxidizing action, in general, increases with increasing acidity 
and is minimized in alkaline solution, hence, in order to lessen the 
reaction with the consequent destruction of reducing ions, solu- 
tions for analysis containing chromates together with reducing ions 
are kept strongly basic with NaOH in the procedure of analysis. 

PRELIMINARY EXPERIMENT 

Precipitation of BaCr04. To 5 ml. of K2Cr04 test solution, add 
a few drops of dilute HC2H3O2, about j ml. of NaC2H302, and then 
add Ba(N03)2 reagent. Write the ionic equation showing the 
result. 

REVIEW EXERCISES — SET 17 

1 . Show by chemical equations how H2Cr04 and H2Cr207 ionize. Also 
show the relation between 0104*” and Cr207“ by suitable equations involving 
H+ and 0 H“. 

2. The dichromate ion, in an acid medium, is a fairly strong oxidizing agent. 
To show this effect, complete and balance the following equations: 

(a) Cr207'” "h H+ -f- SO3" — ► 

(b) Cr 207 ” + H+ + As 02 “ -» 

(c) CrsOr" 4- H+ + 8“ -> 

(d) CruO?" + H+ + 1 “ -» 

3. Barium chromate is best precipitated in a faintly acid solution. If 
enough HC2H802 and NH4OH are added to make the resulting solution 0.1 M 
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with respect to HC2H3O2 and 0.05 M with respect to NH4C2H3O2, what is the 
H+ ion concentration? K{ion) of HC2H3O2 = 1.8 X 10~®. 

4. If a sample of material contains a chromate or dichromate and is sub- 
jected to the cation procedure, .show by equations the chemical changes that 
are undergone. If a cation analysis of a sample shows the presence of chro- 
mium, what further information will an anion analysis yield regarding the 
form in which chromium may have been present? 

6. Suppose that in a certain solution the concentration of S 04 “ and Cr 04 ” 
are both 0.01, and Ba++ is gradually added. What is the ratio of S 04 “ to 
Cr 04 “ when both BaS 04 and BaCr 04 are precipitating? See Table VI for 
Ka.p. values. 


Outline of Method of Analysis of This Group 

The methods for the identification of the sulfate and chromate 
ions are so simple and are so fully described in the procedure which 
follows, that they need no mention here. It should, however, be 
remarked that the chromate ion, especially in an acid solution, is 
a very strong oxidizing ion and even under the conditions of this 
scheme partially oxidizes certain reducing ions. Experience with 
the scheme has shown that positive tests can neverthele.ss be ob- 
tained for reducing ions in the presence of the chromate or di- 
chromate. It should be remembered that the chromate ion, during 
a cation analysis, is reduced and chromium is regularly detected in 
Group III of the cations. 

Practice Analysis of a Mixture Containing 
Sulfate and Chromate Ions 

Mix 5 ml. of Na2S04 test solution with 5 ml. of K2Cr04 test 
solution. Transfer about half of the mixture to another test tube 
for the separate test for sulfate. 

Identification of Sulfates. To this portion of the mixture, add 
dilute HCl until the solution is acid, then add the Ba(N03)2 group 
reagent. In this acidified .solution BaCr04 cannot form and the 
white precipitate which forms Ls BaS04. 

Identification of Chromates. To the other half of the mixture 
add Ba(N03)2 until precipitation is complete. The precipitate 
consists of BaCr04 and BaS04. Filter off the precipitate, discard- 
ing the filtrate. Treat the residue with dilute HCl, which will 
dissolve only the barium chromate. Catch the filtrate, now con- 
taining the Cr207“ ion, in a test tube. Make this filtrate alkaline 
with dilute NH4OH and then add enough dilute HC2H3O2 to 
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render it ,just acid. This will result in the reprecipitation of yellow 
BaCr04 and constitutes a test for the chromate ion in the original 
mixture. 

The oxidation test with hydrogen peroxide with the resultant 
blue color developed in an ether layer, as described under chro- 
mium in the cation tests, may, of course, be employed here as a con- 
firmatory test. 

THE ZINC NITRATE GROUP — GROUP III 

SULFIDE, 8“= 

CYANIDE, CN~ 

FERROCYANIDE, Fe(CN)6“~ 

FERRICYANIDE, Fe(CN)6^ 

In a systematic analysis, these four anions, whose calcium and 
barium salts in general are soluble, are precipitated with zinc nitrate 
in the form of ZnS, Zn(CN)2, Zn3K2[Fe(CN)6]2 and Zn2Fe(CN)6. 
The first three anions arc reducing agents; the last is an oxidizing 
substance. 

SULFIDE, S= 

Sulfides and bisulfides are the salts of hydrosulfuric acid, H2S, 
better known as hydrogen sulfide. This gas, with which the stu- 
dent is already familiar, is slightly soluble in water, forming, at 
room temperatures a 0.1 M solution of the dibasic, weakly ionized 
acid. The ionization in water takes place according to the equa- 
tions: 

H2S + HS' 

HS" ;=i H+ + S“ 

for which equilibria the ionization constants arc, Ki — 9 X 10 “* 
and K2 = 1.2 X 10 -'®. 

The sulfides and bisulfides of the alkali metals and alkaline earths 
undergo hydrolysis while being formed by the neutralization of a 
weak acid by strong bases. For example, the test solution, Na2S, 
reacts with water to form the bisulfide ion : 

S“ + HOH = HS~ -b OH~ 

rendering the solution strongly alkaline. The HS ion undergoes 
further hydrolysis yielding H2S: 

HS" 4 - HOH - H2S + OH" 
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Attention has been called to the nonformation of sulfides of 
aluminum and chromium (see pages 186 and 188 ) because the 
insoluble hydroxides, Al(OH)3 and Cr(OH)3, form during the 
hydrolysis of the corresponding sulfides. 

Regarding the precipitation of metal sulfides and their solubility 
relationships in various solvents, the group reactions of cation 
Groups II and III and the theory of sulfide precipitation should be 
reviewed at this time. 

Hydrogen sulfide and acidified solutions of soluble sulfides arc 
strong reducing agents, which are readily oxidized by oxidants, 
generally to free sulfui-. Thus, K2Cr207 is reduced to chromic salt, 
the ionic equation for the reaction being: 

Cr207- + 8H+ + 3H2S = 2 Cr+++ + 7H2O -f ^ 

KMn04 is reduced to mailganous ion. Nitric acid is reduced to 
NO, with either the formation of sulfur or complete oxidation of 
the sulfide ion to SO4”. In the first case we have, as half-cell re- 
actions: 

NO3" + 4 H+ -H 3 e = no + 2H2O 
S“ = S° + 2e 

or expressed in molecular form: 

2HNO3 + 3H2S = 2 NO -I- 4H2O + ^ 

The oxidation of the sulfide ion to the sulfate ion may be shown 
in ionic form by the equation : 

S“ + 4H2O = S04= -t- 8H+ + Se 

which, when combined with the equation for the reduction of the 
NO3' ion, gives: 

8 N 03 “ + 8 H+ -f 3 S“ = 8 NO + 4H2O + 3804 “ 
or, expressed in molecular form : , 

8HNO3 + 3H2S = 8 N 0 + 4H2O + 3H2SO4 

Toward sulfurous acid or acidified solutions of sulfites, H2S acts 
as a reducing agent. Tlie main product of the reaction is free 
sulfur; the sulfite ion is reduced to S and the sulfide ion is oxidized 
toS. 
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The reduction of iodine by H2S is an important analytical re- 
action; it is used in the quantitative determination of sulfides and 
of H2S: 

I 2 + S- = 21" -1- S 

Two tests for sulfides are recommended in the systematic pro- 
cedure. One is based on the fact that a strip of moistened lead 
acetate paper becomes dark brown or black when exposed to H2S : 

H 2 S + Pb(C2H302)2 = 2 HC 2 H 3 O 2 

The other is a violet-red color produced by sodium nitroprusside, 
Na2Fe(CN)5NO, reagent when treated with an alkaline solution 
of a sulfide. This is a very sensitive test for the sulfide ion, but 
it is not given by gaseous H2S. 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 5 ml. of Na2S test solution, 
add Zn(N03)2 until precipitation is complete. Record the equa- 
tion. 

2. Lead Acetate Test. Saturate a strip of filter paper with lead 
acetate solution, or moisten a strip of lead acetate test paper. Add 
a few drops of dilute HCl to the precipitated ZnS obtained in e.x- 
periment 1 , meanwhile holding the test paper in the escaping gas. 
What happens? Write the reaction. 

3. Sodium Nitroprusside Test. This reagent, Na2Fe(CN)5NO, 
reacts with alkaline sulfide solutions to give a violet-red color. 
Conduct the test as follows: To a few drops of the sulfide solution, 
rendered alkaline with NaOH, add a drop or two of a 1 per cent solu- 
tion of the reagent. 


CYANIDE, CN~ 

Cyanides and the free acid, gaseous HCN, are violent poisons. 
It is recommended that cyanides be omitted from elementary 
courses. If, however, they are to be included they should be tested 
for at the beginning of the anion analysis of unknowns and due 
precautions taken against their dangerous character. All experi- 
ments which involve the liberation of gases with materials suspected 
of containing cyanides should he carried out under the hood. 

The cyanide ion readily forms a number of complex ions as, for 
example, the complex silver, copper and cadmium ions previously 
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referred to in the discussion of the properties of these metals and 
the fcrrocyanide and ferricyanide ions included in this group. The 
ease with which these complexes are formed often serves as a test 
for cyanides. 

Acidification of a cyanide solution results in the liberation ol 
gaseous HCN which has a characteristic odor of bitter almonds. 
The acid is a liquid at room temperature. Its aqueous solution is 
very weakly ionized ; in fact it is weaker than carbonic acid. This 
accounts for the fact that solid soluble cyanides give off the odor 
of HCN. Soluble cyanides are extensively hydrolyzed: 

CN" + HOH = HCN + OH" 

rendering the solution strongly alkaline. 

The cyanide ion can be converted to the ferrocyanide ion, by 
treatment, in an alkaline medium, with FeS 04 solution. The fer- 
rous hydroxide formed by the action of OH" on Fe++, further reaci^ 
to give ferrous cyanide, Fe(CN) 2 . This dissolves in an excess of 
the cyanide solution to form the ferrocyanide ion: 

Fe(CN )2 + 4CN" = Fe(CN)6““ 

This property is used as a test for cyanides, by further adding a 
solution of FeCls, which produces a heavy blue precipitate of ferric 
ferrocyanide (Prussian blue): 

3Fe(CN)6“ + 4Fe+++ = Fe4[Fe(CN)6]3 

The cyanide ion is oxidized to the thiocyanate ion by action of 
ammonium poly sulfide: 

CN" + S- = CNS" 

This property may be employed as a test for cyanides. As de- 
scribed below, after acidification, a drop or two of FeCls will produce 
the deep red color of the ferric thiocyanate complex: 

Fe+++ -I- 6CNS" = Fe(CNS)6“ 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 2 ml. of KCN test solution 
add some Zn(N 03)2 reagent. Describe the result and give the 
equation. 
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2. Prussian Blue Test for Cyanides. To 5 ml. of cyanide test 
solution, made alkaline with NaOH, add a few milliliters of a 
freshly prepared solution of FeS04 and heat to boiling. Now 
acidify with dilute HCl and add a drop or two of FeCla reagent. 
What forms? Give a set of equations showing the successive re- 
actions involved. 

3. Thiocyanate Test for Cyanides. Treat 2 ml. of cyanide tost 
solution with ammonium polysulfide and evaporate the solution 
to dryness. Then add a few drops of dilute HCl to the residue until 
acid and finally add a drop of FeCla solution. Note the result. 
Write equations for the two reactions involved. 

FERROCYANroE, Fe(CN)6“^ 

Ferrocyanic acid, H4Fe ((JN ) 6 , is a white solid, soluble in water, 
unstable and easily oxidized in the air. The potassium salt, 
K4Fe (CN ) 6 , is an important analytical reagent. With the excep- 
tion of the alkali and alkaline earth salts, all ferrocyanides are in- 
soluble in water; however double salts of tlui alkali and alkaline 
earth elements, such as CaK2Fe(CN)6, arc insoluble in water. 
Soluble ferrocyanides are yellow in color; a number of the in- 
soluble ones are white, but most of them are colored. 

Ferrocyanides arc mild reducing agents and are oxidized to fer- 
ricyanides by oxidizing agents siu'h as 1x2(1*207, KMn04, Br2 and 
H2O2. On heating or on treatment with concerntrated H2SO4, they 
are decomposed into a variety of j)roducts such as CO, CO2, HCN 
and NH3. 

The ferrocyanidc ion reacts with many different cations to form 
insoluble products. With the Zn++ ion and K4Fe(CN)6 there is 
formed the salt, zinc potassium ferrocyanide, according to the 
equation : 

3Z11++ -I- 2 K+ + 2 Fe(CN)o““ - Zn3K2[Fe(CN)6]2 

% 

Ferrous salt solutions, such as FeS04, react to give at firet a 
light-colored precipitate of K2Ff'lFc(CN)6] which quickly oxidizes 
in the air to Prussian blue, Fe4[Fe(CN)6]2* 

On the other hand, ferric salt .solutions react directly to form 
Prussian blue: 

4 Fe+++ -b 3 Fe(CN) 6 “- = Fe 4 [Fe(CN)ek 

This reaction, it will be recalled, is used as a test for ferric iron. 
See, in this connection, the reactions of iron on page 182 . 
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PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 2 ml. of freshly prepared po- 
tassium ferrocyanide, K4Fe(CN)6, test solution, add some 
Zn(N03)2 reagent. Observe the result. Write the equation, 

2. Reactions with Iron Solutions. To 2 ml. of K.iFo(CN)e add 
a few drops of freshly prepared FCSO4 solution. Observe any 
change that takes place in the color of the precipitate. Account 
for this. 

To 2 ml. of ferrocyanide test solution add a few drops of FeCla. 
What forms? Write the equation. 

FERRICYANIDE, Fe(CN)6' 

Fcrricyanic acid, HaFcCCN)^, is a brown solid, soluble in water. 
With bases it yields stable salts ktiown as ferricyanides. With the 
exception of the alkali m(>tal and alkaline earth salts, these salts arc 
insoluble in wat('r. 

The h'rricyanide ion is an oxidizing agent and is reduced to 
ferrocyanide by a number of reductants, even in alkaline solution, 
'riius the sulfid(', arsenite, sulfite, iodide, etc., are apt to be destroyed 
in mixtures containing the ferrocyanide ion. 

^ With Zn(N03)2, the ferric^yanide ion forms zinc ferricyanide: 

3Zn++ + 2Fe(CN)G^ = Zn3[Fe(CN)a]2 

Ferrous ions produce Turnbull’s bhui (ferrotis f(*rricyanide), 

Fc3[Fe(CN)6]2: 

3Fc++ + 2Fe(CN)6- = Fc.,[Fc((’N)g]2 

Ferric ions yield a brown soluble product, F<‘[F(^(CN)6]. For 
more detail concerning the reactions of iron with ferrocyanides 
and ferricyanides, see page 182. 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. To 2 ml. of K^FoCC 'N )« test solu- 
tion add Zn (NO3 )2 reagent. What is formed? W rite the eciuation. 

2. Reactions with Iron Solutions. To 2 ml. of potassium ferri- 
■cyanide test solution add a few drops of freshly prepared FeS04 
.solution. What Ls the common name for the precipitate which 
forms? Give the equation. 

To 2 ml. of K3Fe(CN)8 test solution add a few drops of FeCls 
solution. Note that the .solution turns brown but no precipitate 
forms. What product is formed? 
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REVIEW EXERCISES — SET 18 

1. What reagents, other than a lead salt solution, might one use to produce 
a black stain as a test for a sulfide? What would produce a yellow stain? 
An orange stain? 

2. What volume of H 2 S gas measured under standard conditions of tempera- 
ture and pressure is evolved when the ZnS produced from 50 milligrams of 
Zn++ ion is treated with HCl. 

3. Review the theory of sulfide precipitation as discussed previously under 
the cations and give the ionization reactions and equilibrium constants for H 2 S. 

4. Write the necessary equations showing the Prussian blue test for the 
cyanide ion. 

6. Give formulas showing the composition of the complex ions which the 
CN“ ion forms with Ag+, Cu++ Cd++, Fe++ and Fe+++. Look up the insta- 
bility constants for several of these complex ions. 

6. What happens when the ferrocyanide ion is treated with Fe++? With 
Fe+++? When the ferricyanide ion is treated with Fc++? With Fe+++? 

Outline op Method of Analysis op This Group 

If all four of these anions are present in the same mixture con- 
siderable difficulty is experienced with their detection. The pres- 
ence of the ferricyanide ion causes difficulty, not only in this group 
but in the detection of certain ions of other groups, on account of 
its strong oxidizing tendency and property to form colloidal solu- 
tions. It seems best, therefore, to exclude the ferricyanide from 
the practice mixture and, at the discretion of the instructor, to 
omit it from “general unknowns" as well. The identification of 
sulfide, cyanide and ferrocyanide can readily be made according to 
the procedure which follows. The tests are based on the experi- 
ments already studied. 

Practice Analysis of a Mixture Containing 
Sulfide, Cyanide and Ferrocyanide Ions 

Prepare a mixture consisting of 5 ml. of Na2S, 5 ml. of NaCN 
and 5 ml. of K4Fe(CN)6 test solution. Add a few drops of dilute 
NaOH to make sure that the solution is sufficiently alkaline. 
Then add Zn(N03)2 reagent' until precipitation is complete. The 
precipitate will consist of ZnS, Zn(CN)2 and K2Zn3 [Fe(CN)0]2. 
Decant the supernatant liquid. Add a little water to the residue; 
shake to form a suspension. 

Identification of Sulfide. Transfer a small amount of the sus- 
pended residue to a test tube, add dilute HCl and hold over the 
mouth of the tube a strip of moistened lead acetate test paper. 
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The evolved HaS will form PbS on the paper, giving a dark- or 
black-colored spot. 

Identification of Cyanide. Place another portion of the suspen- 
sion in a small Erlenmeyer flask, add 5 ml. of water and then 
acidify with dilute HCl. Place over the mouth of the flask a piece 
of filter paper moistened with dilute NaOH. Heat the contents 
of the flask and boil for about a minute. Then treat the filter paper 
with 2 drops of freshly prepared FeS04 solution, acidify with one 
drop of concentrated HCl and finally one drop of FcCls solution. 
The blue color which forms is Pnissian blue, Fe4[Fe(CN)6]3, 
precipitated by the ferrocyanide formed from th(‘ cyanide. 

Identification of Ferrocyanide. To a third portion of tlie residu<', 
made slightly acid with dilute HCl, add a few drops of FeCla 
reagent. A blue precipitate will form. This i.s Prussian blue. 

THE SILVER NITRATE GROUP — GROUP IV 

THIOSULFATE, S2O3" 

THIOCYANATE, CNS ' 

IODIDE, I~ 

BROMIDE, Br' 

CHLORIDE, Cr 

In the systematic scheme here employed for the separation of 
anions into groups, the anions of Groups I, II and III are removed 
successively by means of calcium, barium and zinc nitrate. Since 
most silver salts are relatively insoluble it is important that the 
ions of these preceding groups are complefiily precipitated and 
removed. Advantage is then taken of a solution of AgNOa to" 
precipitate the ions of this group in the form of Ag2S203, AgCNS, 
Agl, AgBr and AgCl. The AgNOa is a 5 per cent solution. 

THIOSULFATE, S2O3" 

Thiosulfates are derived from the hypothetical acid, thiosulfuric 
acid, H2S2O3. This acid cannot be isolated bccau.se, when a 
thiosulfate is treated with an acid, decomposition takes place; 
the final reaction products are sulfur, sulfur dioxide and water. 
The reactions during decomposition may be shown by the equa- 
tions: 

S2O3- 2 H+ = H2S2O3 

H2S2O3 H2SO3 + S 


H2SO3 SO2 + H2O 
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'rhc best-known salt is sodium thiosulfate, Na2S203, from 
which the test solution is prepared. The thiosulfate ion Is a 
strong reducing agent; one of the most important analytical 
reactions is the reduction of iodine with Na2S203: 

28203“ -|- I2 = S4O6” -T 21 

Certain other oxidizing agents, in acidified solutions, react 
toward the thiosulfate ion in exactly the same way as toward 
sulfites, since in both cases the sulfurous acid, produced upon 
acidification, acts as the reducing agent. Na2S203 is the “ hypo ” 
of the photographer; it is u.sed to dissolve the unreduced portions 
of the silver halide in the photographic film. With silver chloride, 
for example, it forms a complex ion: 

2AgCl -f- 3S2O3” = Ag2 (S2O3 )3““ “b 2C1 

Many thio.sulfates are in.soluble in water; in concentrated solu- 
tions, calcium and barium thiosulfates are formed. Accordingly 
there is some po.s.sibility of precipitating the thiosulfate ion in 
Groups I and II. 


PRELIMirfARY EXPERIMENT 

1. Action of Group Reagent. To 5 ml. of Na2S203 .slowly add 
AgNOs reagent. The precipitate obtained at first is Ag2S2()3. 
This soon undergoes decomposition, as evidenced by the gradual 
change of color to yellow, orange, brow'ii and black, owing to the 
formation of Ag2S. 

The presence of a thiosulfate in a sample of material, when the 
.systematic scheme described in this book is followed, is recognized 
by the blackening of the group precipitate. In fact, this is the 
only test possible, owing to the decomposition of the silver thio- 
sulfate into silver sulfide, which prohibits any other test with the 
group precipitate. 

THIOCYANATE, CNS“ 

Thiocyanates are salts of thiocyanic acid, HCNS, which is an 
unstable gas at ordinary temperatures. In aqueous solution 
HCNS is a strong acid. The salts are colorless excepting, of 
couree, those containing a colored cation. 

Thiocyanates resemble the halides in solubility, AgCNS, 
Pb(CNS)2 and Cu2(CNS)2 being relatively insoluble and 
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Hg(CNS )2 being only slightly soluble. These insoluble salts, 
however, readily dissolve in an excess of alkali thiocyanate to form 
complex ions of the type Ag(CNS) 3 “, Hg(CNS) 4 ’", etc. 

Silver nitrate precipitates curdy, white, silver thiocyanate, 
AgCNS, even in a solution strongly acid with dilute HNO 3 . The 
precipitate is soluble in dilute ammonia. 

A very sensitive reaction of the CNS" ion is the formation of 
the blood-red complex ion with ferric ion : 

Fe+++ + 6 CNS“ - Fe(CNS) 6 = 

This reaction, it will be recalled, is likewise an extremely delicate 
test for iron. See, in this connection, page 183. 

PRELIMINARY EXPERIMENTS 

1 . Action of Group Reagent. Add AgNOs reagent to 5 ml. of 
KCNS test solution until precipitation is complete. Write the 
equation. 

The precipitate is insoluble in dilute IINO 3 but soluble in 
NH 4 OH. Decant the supernatant liquid, reserving the curdy, 
white precipitate for the test for this anion. 

2. Test for Thiocyanate. To a few drops of KC'NS te.st solution , 
add several drops of FcCls reagent. E?{plain the (!olor produc('d. 
Give the equation. 

Take the AgCNS precipitate obtained in experiment 1; add a 
little water and then a few drops of FeCIs. Note that the test is 
given, even in the saturated solution of AgCNS. This test can 
be made more effective by first boiling the precipitate with a 
strong solution of NaCl. The AgCNS is thus transposed into 
AgCl, leaving the CNS~ ion in solution. 

IODIDE, r 

The element, iodine, a dark crystalline solid and the heaviest 
member of the halogen family, forms a series of acids, of which 
hydriodic acid, or hydrogen iodide, HI, and iodic acid, HIO3, are 
the most important. Iodides and iodates arc derived from these 
two acids. 

The iodide ion, I", is a strong reducing agent easily oxidized to 
free iodine, I 2 , by a number of oxidizing agents. Free iodine and 
the iodate ion are good oxidizing agents. 
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Silver iodide is readily formed by the reaction; 

Ag+ + r = Agl 

It is extremely insoluble in water and acid solvents. Ammonium 
hydroxide will hot dissolve it. In this respect Agl differs from 
AgCl — a fact utilized in the separation of iodide from chloride. 
Ammonium polysulfide, however, transposes it into Ag2S, the 
iodide ion being liberated; this property is employed in the sys- 
tematic scheme of separation. The reaction probably takes place 
in accordance with the equation : 

2 AgI + S“ = 2 r -h AgzS 

The vigorous reducing action of the iodide ion enables it to be 
readily oxidized by a large number of oxidants. To show the 
analogy with bromides and chlorides, the effects of the following 
oxidizing agents have been listed (see comparative effects on 
bromide and chloride). 

1. Chlorine Water. A saturated solution of chlorine in water 
rapidly oxidizes iodides to free iodine: 

CI2 -1- 21“ = I2 + 2cr 

The iodine thus liberated can be dissolved in an organic solvent 
such as chloroform or carbon tetrachloride, where it appears as a 
purple layer. This reaction is sometimes employed as a test for 
iodides. 

If an excess of chlorine water is used the iodine is further oxidized 
to the iodate form; 

5CI2 + I2 + 6H2O = 2103“ + lOCr + 12 H+ 

2. Sodium Hjrpochlorite. This oxidant reacts like chlorine 
water; 

ocr -h 21 “ + 2 H+ = I2 + H2O + cr 

liberating iodine. This is the reagent employed for the detection 
of iodides in the scheme of analysis. The procedure for conducting 
the test is given below. This reagent will oxidize iodine to iodate 
in accordance with the equation: 

I2 + 50Cr -H 20 H“ = 2103“ + 5Cr -1- H2O 

3. Sulfuric Acid. Concentrated H2SO4 oxidizes solid iodides 
with the formation of I2, H2S and S. The first effect is the liber- 
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ation of HI which then reacts with the H2SO4 according to the 
equation : 

H2SO4 + 8HI = H2S + 4I2 + 4H2O 

The iodine reacts further with H2S to give free S. 

4. Concentrated H2SO4 and Mn02> The action of this mixture 
on iodides is like that on bromides and chlorides, liberating iodine : 

2NaI + Mn02 + 3H2SO4 = I2 + MnS04 + 2NaHS04 + 2H2O 

6. Potassium Permanganate. In a dilute sulfuric acid solution, 
iodides reduce K]VIn04 : 

2Mn04“ + lOr + 16H+ = 2Mn++ + 5I2 + 8H2O 

6. Concentrated H2SO4 and KaCraO;. If a mixture of a solid 
iodide and solid K2Cr207 is heated with concentrated 112804, 
iodine is formed. The reaction is expressed by the equation: 

K2Cr207 -|- 7H2SO4 6NaI = 

3I2 + Or2 (804)3 ”1“ 7H2O + IV2SO4 -|- 3Na2804 

Compare this with the corresponding reaction for bromides and 
chlorides. The same result is obtained when a dilute solution of 
the test substance is treated with dilpte H28O4 and K2Cr207; 
the reaction is best expressed in ionic form: 

Cr207- + 14H+ + 6I~ = 2Cr+++ + 7H2O + 3I2 

PRELIMINARY EXPERIMENTS 

1. Action of Group Reagent. I’o 5 ml. of KI test solution add 
the silver nitrate group reagent. Note the color of the precipitate. 
Divide the precipitate into .several parts. Try the action of HNO3 
on one part. Treat another portion with dilute NH4OH. To 
the third portion add ammonium polysulfide. Record your 
observations in each case. 

2. Test for Iodides. Place 2 ml, of test solution in a test tube, 
add several milliliters of carbon tetrachloride and then add drop- 
wise some sodium hypochlorite reagent; shake the test tube after 
the addition of each drop. Note what happens. 

Continue addition of reagent until the color in the CCI4 layer 
disappears. Explain what happens. Write the equations. 
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BROMIDE, Br~ 

Bromine is a heavy, brown liquid. The important acids are 
hydrobromic acid (an aqueous solution of hydrogen bromide, HBr) 
and bromic acid, HBrOa. The corresponding anions are the 
bromide, Br", and bromate, BrOs". 

Most of the bromides are water soluble, the exception being, 
like the iodides and chlorides, AgBr, PbBr2, Hg2Br2 and Cu2Br2. 

The group reagent, AgNO^, precipitates pale yellow AgBr: 

Br~ 4 - Ag+ = AgBr 

Silver bromide is insoluble in acid solvents. It will dissolve in 
ammonium polysulfide: 

2 AgBr + S- = 2 Br" + AggS 

It is only partly solubh' in NH4OH. 

The bromide ion is a fairly strong reducing agent, less energetic 
than iodides but more so than chlorides. Reactions showing the 
behavior of a number of oxidizing agents toward the bromide ion 
are here discussed. These properties should be compared with 
tho.se of iodides and chlorides. 

1 . Chlorine Water. This reacts toward the bromide ion in the 
.same manner as iodides, liberating bromine: 

CI2 + 2 Br" = Br2 + 201 " 

The liberated bromine can be extracted with chloroform or carbon 
tetrachloride, and gives to the organic solvent layer a reddish 
yellow color. This is a good te.st for bromides. 

2 . Sodium Hypochlorite. Bromides are oxidized to bromine by 
NaOCl 

OCr + 2 Br" + 2 H+ = Brg + HgO + Cl- 
in a solution made acid with dilute H2SO4. This method for the 
identification of bromides is utilized in the scheme of analysis and 
is outlined as a preliminary experiment. 

3 . Sulfuric Acid. Concentrated H2SO4 reacts with bromides, 
first to liberate HBr, which is at once oxidized to bromine: 

H2SO4 + 2HBr = SO2 + Bra + 2H2O 

4 . Concentrated H2SO4 and MnOa. A mixture of solid bro- 
mide, MnOa and concentrated H2SO4, when heated, evolves free 
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bromine. The reaction is analogous to that taking place with 
chlorides: 

2 NaBr -|- Mn02 “h 3H2SO4 = 

Bra + MnS04 + 2NaHS04 + 2 H 2 O 

6. Potassium Permanganate. Bromides will reduce an acidi- 
fied solution of KMn04 with liberation of Bi’a : 

2Mn04" -f 10 Br~ + 16 H+ = 2 Mn++ -|- SBra + 8H2O 

6. Concentrated H2SO4 and KaCraOy. A mixture of NaBr and 
solid K2Cr207, when treated and warmed with concentrated H2SO4, 
reacts to form bromine, according to the equation : 

K2Cr207 + 7H2SO4 + 6 NaBr = 

3Br2 + Cra ( 804)3 + THaO + K 2 SO 4 + 3Na2S04 

This reaction is similar to that of iodides but differs from that of 
chlorides. 

In a dilute solution of K2Cr207 acidified with dilute sulfuric 
acid, no reaction takes place; in this sense the behavior differs 
from that of iodides. 

PRELIMINARY EXPE^ilMENTS 

1. Action of Group Reagent. To 5 ml. of NaBr te.st solution, 
add AgNOs until precipitation is complete. Record the equation 
and color of the precipitate. Treat .some of the AgBr with 
(NH4)2S2. What change takes place? 

2. Test for Bromides. In a test tube place 2 ml . of carbon tetra- 
chloride and 2 ml. of NaBr te.st .solution, mad(! slightly acid with 
dilute H2SO4. Add sodium hypochlorite NaOCl solution, drop 
by drop. Observe the color developed in the organic liquid layer. 
Write the reaction. 

CHLORIDE, Cr 

Chlorine is the most widely distributed and abundant member 
of the halogen family. It is a gaseous element and forms a series 
of acids. Hydrochloric acid is the aqueous solution of hydrogen 
chloride and yields the chloride ion upon neutralization or dissoci- 
ation. Other acids are hypochlorous, chlorous, chloric and 
perchloric, from which are derived hypochlorites, CIO”, chlorites, 
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CIO2”, chlorates, ClOa" and perchlorates, CIO4 \ Provision is 
made in this book for the detection of chlorides and chlorates. 
Some knowledge of the properties of sodium hypochlorite is also 
involved. 

All chlorides are soluble in water with the exception of those of 
Group I of the cations, along with CU2CI2 and TiCl. Silver chlo- 
ride is a curdy, white precipitate formed by the simple reaction : 

Ag+ -h Cr = AgCl 

Silver chloride is insoluble in acids but dissolves in ammonia 
solution, forming with the latter reagent the diammono-silver ion. 
Silver bromide partially dissolves in ordinary ammonia solutions 
but silver iodide does not. AgCl is transposed by (NH4)2S2. 

The test for the chloride ion consists in acidifying, with dilute 
HNO3, the ammonia complex obtained by dissolving AgCl in 
ammonia solution : 

AgCl -b 2NH3 = Ag(NH3)2+ + Cr 

Upon acidification with HNO 3 , silver chloride is precipitated: 
Ag(NH3)2+ + cr -b 2 H+ = AgCl -b 2 NH 4 + 

This, it will be recalled, is the test for silver as well. 

Since, however, silver bromide is partly soluble in ammonia 
and upon acidification would yield AgBr, hardly distinguishable 
from AgCl, this simple mode of procedure must be modified when 
analyzing mixtures which arc shown or known to contain bromides. 
A specially prepared ammonia solution, known as ammoniacal 
silver nitrate or Miller’s reagent, is used, in which the concen- 
trations of NH 3 and AgNOs are so adjusted as to prevent the dis- 
solving of the AgBr in the ammoniacal solvent. The reagent 
supplied is 0.25 M with respect to NH 4 OH, 0.01 M with respect 
to AgN03 and contains in addition 0.25 of a gram-mole of KNO 3 
per liter; the last ingredient aids in the coagulation of the AgCl. 
With the use of this reagent, it is found that enough AgCl dis- 
solves to give the chloride test, but inappreciable quantities of 
AgBr or Agl dissolve to give misleading conclusions. 

The effect of oxidizing agents on the chloride ion is here com- 
pared with that for bromides and iodides. 
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1. Chlorine Water. Obviously this reagent will have no effect 
on chlorides. 

2 . Soditun H]rpochlorite. This reagent has no effect on the 
chloride ion. 

3. Sulfuric Acid. Concentrated H2SO4 does not oxidize chloride 
but liberates free HCl when added to a solid chloride. 

4. Concentrated H 2 SO 4 and Mn 02 . When a mixture of Mn02 
and a solid chloride is treated with concentrated H2SO4 and 
heated, chlorine is liberated. The equation for the reaction is : 

MnOz + 2NaCl + 3H2SO4 = CI2 + MnS04 + 2NaHS04 + 2H2O 

6 . Potassium Permanganate. Chlorides are oxidized by 
KMn04 in an acidified solution according to the equation : 

2Mn04' + lOCr + 16H+ = 2Mn++ + SCla + 8H2O 

when the chloride-ion concentration is high and the solution is hot, 
6 . Concentrated H 2 SO 4 and K 2 Cr 207 . Solid K 2 Cr 207 and con- 
centrated H2SO4 react with a solid chloride, such as NaCl, to 
form chromyl chloride, Cr02Cl2, a vapor which can be distilled 
and condensed. The reaction proceeds according to the equation : 

K2Cr207 + 6H2SO4 + 4NaCl = 

2Cr02Cl2 + 3H20-b 4NaHS04 + 2KHSO4 

This is the chromyl chloride test, sometimes employed for the 
detection of chlorides. The vapors are distilled into NaOH solu- 
tion, in which the yellow color of the chromate ion which forms 
can be recogiiized. This latter reaction can be shown by the 
equation : 

Cr02Cl2 + 40H~ = 2 Cr -f Cr04- -f 2H2O 

PRELIMINARY EXPERIMENT 

1. Action of Group Reagent. Add some AgNOa reagent to 
5 ml. of NaCl test solution. Filter off the precipitate and treat it 
with dilute ammonia solution. What happens? Acidify the 
resulting solution with dilute HNO3. What is the precipitate 
which forms? Write the equations for the reactions which take 
place. 

Repeat the experiment, using Miller’s reagent instead of ordinary 
ammonia reagent. Record the result. 
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REVIEW EXERCISES — SET 19 

1. Assemble the equations for the reactions taking place when the anions 
of this group are precipitated with AgNOs. Write equations for the transpos- 
ing of Agl, AgBr and AgCl by (NH4)2S2. 

2. How do AgCl, AgBr and Agl behave, respectively, toward NH4OH? 
Explain the function of Miller’s reagent in the separation of chlorides from 
bromides. 

3. Calculate the volume of a 5 i)er cent solution of AgNOs required to 
precipitate 50 milligrams of Cl"" as AgCl. Do the same for the iodide. 

4. Calculate the CAg+ required to start the precipitation of AgCl in 5 ml. of 
test solution containing 10 milligrams of Cl” per milliliter. (/Cs.p. of AgCl = 
1.1 X 10-'^®.) 

6. Show the method of balancing the following equations: 

(a) For iodides: Property (2), (5), (6). 

(b) For bromides: Property (2), (4), (5). 

(c) For chlorides: Property (4), (6). 

6. Calculate the CAg+ in a solution which is 0.1 M with respect to the com- 
plex salt Ag(NH3)2Cl, assuming complete ionization of the salt. The in- 
stability constant of Ag(NH3)2'*' is 7 X 10~* 

7. Write and balance (by half-cell reactions) the reactions taking place 
when KI acts as a reducing agent, in H2SO4 solution, toward (a) KMn04; 
(h) KaCraOr; (c) Na3As04. 

8. Give a diagrammatic scheme for the detection of F , Cl , Br and I 
in an “ unknown ” solution. 

9. Write out a scheme which will provide for the separation and detection 
of the following anions of sulfur: SOj,” SO 4“, S“, 8203“, CNS.~ 

10. Give a procedure of analysis by which P04“, Cl~, I~, As04’^ and ASO2 
can be detected in a sample of material. 

Outline of Method of Analysis of This Group 

Silver nitrate, as the group precipitant, will cause the formation 
of Ag 2 S 203 , AgCNS, Agl, AgBr and AgCl. Owing to its unstable 
nature the silver thiosulfate rapidly undergoes decomposition, 
resulting finally in the formation of black silver sulfide, which in 
itself constitutes the test for the thiosulfate ion. Through the use 
of a ferric salt solution, the thiocyanate ion can readily be identified. 

The silver salts of the group precipitate are then dissolved by 
ammonium polysulfide, in order to return the iodide, bromide and 
chloride to the ionic form. The identification of the iodide ion and 
the bromide ion is carried out by oxidizing these ions by means of 
NaOCl, the distinguishing colors appearing in a carbon tetrachloride 
layer. 

To detect chloride in the presence of bromide and iodide, the ions 
are again reprecipitated as silver salts and then a specially pre- 
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pared ammonia solution, containing also AgNOs and KNO3, 
known as Miller’s reagent, is used to dissolve only the AgCl 
as ammono-silver complex. From this Ag(NH3)2+ complex, silver 
chloride can then be reprecipitated. 

Practice Analysis op a Mixture Containing Thiosulfate, 
Thiocyanate, Iodide, Bromide and Chloride Ions 

Make up a mixture consisting of 5 ml. of each of the five anions 
of this group. Render the solution just ammoniacal with dilute 
NH4OH, testing carefully with litmus paper; add 1 ml. of NH4OH 
in excess. Then add the group reagent, a 5 per cent solution of 
AgNOa, until precipitation is complete. Heat the solution to boil- 
ing and then make it faintly acid with dilute HNO3, adding the acid 
dropwise with constant stirring. After the precipitate has settled, 
filter and wash to remove the last traces of AgNOa remaining in 
the precipitate. 

It will be observed that the precipitate rather quickly turns dark, 
owing to the decomposition of the Ag2S203 into black Ag2S. The 
following eciuations show the formation of the group pri'cipitate: 

S 2 O 3 ” + 2 Ag"^ = Ag2S203 * 7 ^ AgaB 

CNS' + Ag+ = AgCNS 

r + Ag+ = ^ 

Br“ + Ag+ = AgBr 

Cl” + Ag+ = AgCl 

Identification of Thiosulfate. The darkening of the group pre- 
cipitate during the addition of the AgNOs constitutes the test for 
thiosulfate. 

Identification of Thiocyanate. Remove a small i)art of the 
group precipitate to a test tube, add 5 ml. of water and an equal 
volume of FeCla solution. Shake the mixture and allow to .settle. 
The solution will be colored deep red, owing to the formation of the 
ferric thiocyanate complex, Fe(CNS)6“. 

Identification of Iodide. The halide ions now remain to be iden- 
tified. In order to test for these, the silver salts must be put back 
into solution. This is accomplished as follows. Transfer the re- 
mainder of the group precipitate to a beaker, add 15 ml. of am- 
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monium polysulfide and heat to boiling. This will dissolve the 
silver salts of these ions. 

Acidify the solution with dilute H2SO4 in order to destroy the 
excess of polysulfide solvent. Heat to boiling to expel the hydrogen 
sulfide, filter off, wash twice and discard the residue, retaining the 
filtrate which now contains the halide ions. 

To 5 ml. of this filtrate in a test tube add NH4OH until, as shown 
by litmus, the solution is faintly alkaline. Now add 2 ml. of carbon 
tetrachloride and then drop by drop a solution of sodium hypo- 
chlorite. , Shake the tube and note the violet color of the carbon 
tetrachloride layer. This is due to iodine liberated by the oxida- 
tion of the iodide ion by hypochlorite. 

Identification of Bromide. To the same tube in which the iodide 
test was made, add more NaOCl until the violet color is discharged 
and all the iodine has been oxidized to the colorless iodate form. 
Then acidify with dilute H2SO4 and continue treatment with NaOCl, 
in order to oxidize the Br" to Br2. The brown color now formed 
in the CCI4 layer shows the presence of bromine. 

Identification of Chloride. To another 5 ml. portion of the solu- 
tion containing the dissolved halides, add the AgNOa reagent until 
the precipitation of the silver salts is complete, heat to boiling and 
filter, discarding the filtrate. Wash the residue twice with 10 ml. 
of water. 

Then treat the precipitate on the filter with 10 ml. of the 
Miller’s reagent (specially prepared NH4OH containing AgNOa 
and KNO3). This reagent will attack the AgCl but not the AgBr 
nor Agl. 

The filtrate from this ammoniacal silver nitrate now contains 
the chloride in the form of Ag(NH3)2‘''. To 1 ml. of this filtrate 
add enough dilute HNO3 to acidify the solution. AgCl will be 
reprecipitated. 

THE SOLUBLE ANION GROUP— GROUP V 

CHLORATE, CIOs" 

ACETATE, CsHsOs" 

NITRITE, NOs" 

NITRATE, NOs" 

Normally, this group includes the chlorate, acetate and nitrite 
ion, whose salts are relatively soluble and are not precipitated by 
any of the group reagents. The nitrate ion is here included for 
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discussion on account of its similarity with the nitrite ion; in a 
systematic analysis, nitrates must alw^ays be tested for in a portiori 
of the original sample. 


CHLORATE, ClOa" 

Chlorates are salts of chloric acid. This acid exists only in 
moderately dilute solutions and is strongly ionized. HCIO3 and 
chlorates are vigorous oxidizing agents. Warning: The solid salts 
should never be ground or heated together with oxidizable sub- 
stances nor heated with concentrated sulfuric acid, since reaction 
takes place with violent explosions. 

All chlorates are soluble in water. 

The chlorate ion may be reduced to chloride ion by reductants 
such as NaN02, in an acidified solution; 

CIO3' + SNOa" = Cr + 3NO3" 

Other agents which will reduce chlorates are NagSOs, H2S and 

FeS04. 


PRELIMINARY EXPERIMENT 

Test for Chlorate. To 5 ml. of KCIO3 test solution add 2 ml. of 
dilute H2SO4 and then about 0.1 of a gra'm of solid sodium nitrite 
and heat to boiling. What change has taken place with the chlorate 
ion? Write the equation. 

Then, after boiling, add 2 ml. of concentrated HNO3 in order to 
destroy the excess of nitrite and finally add 2 ml. of AgN03 solu- 
tion. What is the precipitate which forms? 

The test can also be carried out with the use of an acidified solu- 
tion of Na2S03 instead of NaN02 for reducing the chlorate ion. 

ACETATE, C2H302“ 

Acetates are salts of acetic acid. The student has already be- 
come familiar with this weakly ionized organic acid in connection 
with the calculation of ionization constants, common-ion effect and 
buffer solutions. The formula for the acid is written in organic 
chemistry as CH3COOH; the formula, CHsCOO", or the symbol 
Ac are sometimes used rather than C2H3O2” to denote the acetate 


ion. 
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If a solution containing the acetate ion is acidified with any 
strong acid, acetic acid will form: 

H+ + CsHgOa” = HC2H3O2 

This may be recognized by the vinegar-like odor. 

The formation of esters (organic salts) of acetic acid is the basis 
of the test for acetates. Ethyl alcohol, C2H5OH, for example, 
reacts with acetic acid to form the organic ester, ethyl acetate, 
which possesses a sweet, fruity odor. The reaction is: 

C2H5OH -h HC2H3O2 = C2H5C2H3O2 + H2O 

Instead of ethyl alcohol, some chemists prefer to use amyl alcohol, 
C5H11OH, the ester formed being amyl acetate, C5H11C2H3O2, 
which has the odor of bananas. 

A delicate test for acetates depends upon the precipitation of 
basic lanthanum acetate and the adsorption of iodine by the precip- 
itate. The test is conducted by adding to 5 ml. of acetate test 
solution 1 ml. of 5 per cent La(N03)3 reagent, 1 ml. of (0.01 N) 
iodine solution and then adding dilute NH4OH until a permanent 
precipitate remains. An intense blue color, similar to that pro- 
duced by starch and iodine, forms. If the color is slow in forming, 
heat the solution to boiling and allow to stand for several minutes. 
This test invariably gives good results Avhen applied to a pure 
acetate solution but sometimes fails when attempted in systematic 
analysis. 

Some basic acetates are insoluble in water. Those of analytical 
importance are the basic acetates of ferric iron, aluminum and 
chromium. If, for example, NaC2H302 is added to a ferric chloride 
solution, non-ionized Fe (0211302)3 Avill form, coloring the solution 
red. If the solution is then diluted and boiled, hydrolysis takes 
place, precipitating basic ferric acetate according to the reaction : 

Fe(C2H302)3 + 2HOH = Fc(C2H302)(0H)2 + 2HC2H3O2 

This behavior of iron toward acetates will again be referred to 
in Part IV. 

PRELIMINARY EXPERIMENTS 

1. Liberation of Acetic Acid. Add 2 ml. of dilute (1:1) sulfuric 
acid to a few milliliters of NaC2H302 test solution, warm and note 
the odor. Explain why HC2H3O2 is formed. 
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2. The Ester Test. Add a few milliliters of concentrated 
H2SO4 to a few milliliters of NaC2H302 test solution, cool and then 
add 3 to 5 ml. of either ethyl alcohol or amyl alcohol. Warm the 
mixture and cautiouslj'^ smell the vapom. Note and describe the 
odor. Do not confuse the odor of the alcohol used with that of the 
ester formed. Write the equation for the reaction. 

NITRITE, NO2” 

Nitrites are the salts of nitrous acid. HNO2 is an unstable, 
weakly ionized acid, and Ls formed when a nitrite is treated with 
a stronger acid or by passing NO2 into water: 

2NO2 + H2O = HNO2 + HNO3 

All normal nitrites are soluble in water (silver nitrite, how- 
ever, is only slightly soluble). Some complex nitrites, such as 
K3 Co(N 02)6 arc quite insoluble (recall the test for potassium). 

The most important and interesting property of nitrites is that 
they may act cither as reducing or as oxidizing agents. Example's 
of both behaviors are given below. 

Nitrites are easily decomposed by acids. When a nitrite is 
treated with dilute acid, such as HCl, the first action is the forma- 
tion of nitrous acid: 

NOa" + H+ = imOa 

This decomposes into nitric oxide, water and HNO 3 ; 

3HNO2 + H2O + HNO3 

As the NO escapes into the air, it is oxidized to brown fumesof NO2 

2NO + 02 = 

If a strip of starch-potassium iodide test paper is held in the 
escaping fumes, the iodide will be oxidized to I2, coloring the paper 
blue. 

A similar test may be made in the solution by adding a few drops 
of KI reagent and then acidifying with dilute acetic acid. The 
reaction that takes place is as follows: 

2HI + 2HNO2 = I2 + ^ + 2H2O 

The liberated iodine may be shown by adding a few drops of carbon 
tetrachloride, and then shaking. The iodine colors the carbon 
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tetrachloride layer an intense violet. Since certain other anions 
will liberate iodine from iodides, this reaction is not an infallible 
test for nitrites. 

As already shorni, when nitrites are treated with acids, nitrous 
acid as well as nitric acid forms as one of the products. Dilute 
acetic acid will bring about this decomposition of a nitrite but, in 
the case of a nitrate, concentrated sulfuric acid is required. This 
fact enables one to test for a nitrite in the presence of a nitrate by 
the so-called ferrous nitrosyl or “ ring ” test. 

This test as applied to nitrites consists of treating the .solution 
with dilute acetic acid and then adding a solution of ferrous sulfate. 
The Fe+'' ion reduces the nitrous acid formed upon acidification: 

NO2" + 2 H+ -I- Fe++ = NO -b H2O Fe+++ 

The NO then forms the complex fi'rrous nitrosyl ion which has a 
brown color: 

Fc++ + NO = Fe(NO)++ 

1 

In the case of a nitrite the brown color appears throughout the 
solution, whereas in the case of a nitrate, when concentrated H2SO4 
iiLstead of HC2H3O2 is used, the coloi- appears as a ring at the junc- 
tion of the two Ii(}uids which produc(>s the bix)wn coloration ob- 
.served in the .solution. 

In applying this t(^st to the d(^tection of nitrites provisioix is made 
for the removal of anions which otherwise would interfere. 

The nitrite ion is capable of oxidizing ammonium salts, the 
products being nitrogen and water; 

NPa” + NH4+ = N2 + 2H2O 

This reaction is used to destroy nitrites when the ring test is to be 
used for the d(;tection of nitrates. 

Urea is oxidized and nitrites reduced, with liberation of free 
nitrogen, when acidified solutions arc allowed to react. The reac- 
tion takes place according to the equation: 

C0(NH2)2 + 2NO2" + 2H+ = CO2 -b 2N2 + 3H2O 

The evolution of nitrogen observed during the reaction may serve 
as a test for nitrites. Moreover, the reaction may be employed 
to remove all but traces of nitrites in conducting the ring test for 
nitrates. 
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As a reducing agent, NaN 02 is employed in reducing the chlorate 
ion to chloride ion; 

clOa” + 3NO2" = cr + 3NO3' 

This reaction proceeds only in acid solution, hence chlorates and 
nitrites are compatible as long as the mixture is not acidified. Sec 
Chlorates, page 265. 

PRELIMINARY EXPERIMENTS 

1. Decomposition of Nitrites by Dilute Acids. Treat 2 ml. of 
NaN 02 test solution with dilute HCl. Account for the fumes which 
are evolved. Write the necessary equations. 

2. Starch-Iodide Test for Nitrites. Hold in th(‘ (iscaping funu's 
from experiment 1 a strip of stanch KI test j)apor. What change 
in color do you observe in the test })aper? Account for this. 

3. Ferrous Nitrosyl Test for Nitrites. Place 5 ml. of NaN ()2 
in a tc.st tube, add 5 ml. of dilute HC 2 H 3 O 2 and shake. C'ool if 
the mixture feels warm. Then carefully and slowly add a few 
millilitei’S freshly prepared, concentrated F eS 04 solution. Observe 
the color of the solution and write the; reactions. 

NITRATE, NOa” 

With the parent substance, nitric acid, the student is already 
ciuite familiar. The reagent as usually dispensed in the laboratory 
is the constant boiling mixture of specific gravity 1.42, containing 
08 per cent of pure nitric acid by weight. It is a strongly ioniz(*d 
acid and a vigorous oxidizing agent, which yields on reduction a 
series of products such as NO2, NO, N2O, N2 and NH3, depending 
upon the conditions of temperature, concentration and reducing 
agent present. 

All normal nitrates are water .soluble, but .some on dissolving 
form insoluble basic salts by hydrolysis, for example, BiONO.j. 

The most important reaction of nitrates > from a qualitative 
standpoint is the so-called ring test, in which the nitrosyl ferrous 
complex, Fe{NO)'''+, is formed. When concentrated H 2 SO 4 is 
added to a nitrate, and then a strong solution of FeS 04 is carefully 
added, reduction of the NO 3 ' takes place, forming NO in accord- 
ance with the equation : 

NO3” + 4H+ - 1 - 3Fe++ = NO -b 2 H 2 O -|- 3 Fe+++ 
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As in the corresponding test for nitrites, the NO combines with 
Fe+''' ion to form the re(NO)++ complex: 

Fe++ + NO = Fe(NO)++ 

This appears as a dark brown ring at the junction of the two 
liquids. It is to be noted that nitrites must be removed, by de- 
composition with NH4CI or urea, since nitrites interfere by the 
formation of this complex. However, nitrites can be detected in 
the presence of nitrates since the test for the former can be made 
with acetic acid whereas the latter require concentrated sulfuric 
acid. 

Nitron reagent is sometimes employed to detect nitrates. 
This reagent, which has the empirical formula C20H16N4, forms in 
an acid solution an addition product C2oHi6N4-HN03, a white 
crystalline substance. [The reagent Is l, 4 -diphenyl- 3 , 5 -endanilo- 
dihydrotriazol and has the structural formula Cells— N — CH = 
(NC6H5)2 = C = N.] When dissolved in acetic acid, the reagent 
is known as “ nitron,” and when formic acid is used it is called 
“ fornitrol.” A number of other anions form insoluble products 
with the reagent. In systematic analysis, most of these are 
removed, including the nitrite. 

Nitrates arc reduced to ammonia by a number of metals, 
particularly aluminum and zinc, and this property may be utilized 
as a test for the nitrate ion. In the case of aluminum the reduc- 
tion proceeds in an alkaline solution according to the equation: 

8 A 1 -b 3N03~ + 50 H' + 2H2O = 8AIO2" + 3NH3 

The evolved ammonia is then tested for by litmus paper, as 
described on page 212 . Ammonium salts must, of course, be 
absent from the solution of the sample when this test for nitrates is 
used. 


PRELIMINARY EXPERIMENT 

Ring Test for Nitrates. To 2 ml. of NaN03 test solution add 
an equal volume of concentrated H2SO4, mix and cool thoroughly 
under the water tap. Then, holding the test tube containing the 
cooled acidified test solution in an inclined position, carefully 
pour down the side of the tube a freshly prepared, concentrated 
solution of FeS04. Show by equations how the ferrous nitrosyl 
complex is formed. 
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REVIEW EXERCISES — SET 20 

1 . Write equations for the reactions involved in testing for (a) chlorates; 
(b) for the ester test (ethyl acetate) for acetates. 

2 . How can you test for a nitrite in the presence of a nitrite? After 
studying the following procedure tell how you would proceed with the detec- 
tion of nitrate when nitrite has also been shown to be present in the same sample. 

3 . What is the apparent valence of chlorine in CIOs”, Cl~, CIO2”, C 10 “? 

4. Under what conditions will the nitrate ion act as an oxidizing agent? 
Write equations showing the function of N 02 ~ as an oxidizer and as a reducer. 

6 . When dilute HNO3 dissolves a metallic sulfide the NOa” becomes NO; 
when concentrated HNO3 is employed as solvent for a metallic sulfide, the 
usual product is NO2. Write balanced equations illustrating this for the action 
of dilute and concentrated HNO3 on PbS. 

6 . The ionization constant of HC2H3O2 is 1.8 X 10 ~^. Would acetic 
acid be formed in a solution containing NaC2H302 if an acid more weakly 
ionized than HC2H3O2 were added? Explain wliy IT2SO4 will liberate 
HC2H3O2 from acetates. 

7. If enough strong acid is added to a solution of NaC2lT302 to produce a 
molarity of 0.05 with respect to HC2H3O2, what is the hydrogen-ion concentra- 
tion in the test solutions which contains 10 milligrams per milliliter (10 grams 
per liter)? 

8 . Tlie test solution of NaC2H302 has undergone partial hydrolysis, be- 
cause this salt is the product of the neutralization of a weak aend by a strong 
base. Calculate the hydroxyl-ion concentration in the test solution whicdi con- 
tains 10 grams of NaC2H302 per liter. 

9 . Predict the probable result on the precipitation of metallic sulfides in 
the cation procedures if acetate ions are present along with cations of Group 
II and III when adjustment of the acidity is made. 

10. Give diagrammMic schemes for the separation and identification of the 
anions in the following mixtures: 

(а) S 03 “, S=, CN“ Cr, NOa”. 

( б ) As 02 “, ClOa”, I", CrOr. 

(c) POr, As 04= cr, Br~ NO2" NOa”. 

Outline of Method of Analysis of This Group 

The chlorate, acetate and nitrite ions are identified in separate 
portions of the solution constituting this gropp. The chlorate is 
reduced to chloride ion and thus identified as AgCl. The acetate 
is here detected by the odor of one of its organic salts, namely 
ethyl acetate. The nitrite is tested for through the formation of 
the brownish colored ferrous nitrosyl complex, re(NO)''"'', in an 
acetic acid solution. 

The nitrate ion, however, in a systematic analysis, is sought in 
a portion of the original sample because, through the use of the 
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group reagents, this ion will have been introduced into the solu- 
tion. The so-called ring test, here employed, is interfered with by 
the presence of certain other anions. The removal of the inter- 
fering ions of other groups is carried out through their precipitation 
with barium acetate and silver acetate. Interfering chlorate is 
reduced and interfering nitrite eliminated by evaporation with 
NH4CI. In the resulting solution, the nitrate is then detected by 
the use of ferrous sulfate and concentrated H2SO4, producing the 
familiar “ ring ” of Fe(NO)++. 


Practice Analysis of a Mixture Containing 
Chlorate, Acetate, Nitrite and Nitrate Ions 

Prepare a mixture containing 5 ml. of each of the test solution 
of C2H302~, CIO3", N02~ and NOs". Make the solution alkaline 
with 4 M NaOH. Use separate portions for the identification of 
each anion as described below. 

Identification of Chlorate. The test for chlorates consists of re- 
ducing the chlorate to chloride and then following the procedure 
used previously for chlorides. Acidify 5 ml. of the test mixture 
with dilute H2SO4 and add 1 ml. in excess. Then add 0.1 to 0.2 
of a gram of NaN02 to reduce the chlorate. Heat the solution to 
boiling. After boiling add 2 ml. of concentrated HNO3 to desti oy 
excess NaNOs and finally add 2 ml. of AgNOs reagent. The 
white precipitate is AgCl, which identifies chlorates in the original 
mixture. 

Identification of Acetate. Take another 5 -ml. portion of the test 
mixture, add 2 ml. of concentrated H2SO4, cool under the tap and 
add an equal volume of ethyl alcohol. Gently heat the mixture 
and note the fruity odor of ethyl acetate. The odor of ethyl 
alcohol must not be confused with that of the ethyl acetate. 

Identification of Nitrite. To 5 ml. of the test mixture add acetic 
acid until neutral and then 5 ml. in excess. Shake the mixture and 
cool if necessary. Holding the test tube in an inclined position, 
carefully add 2 or 3 ml. of freshly prepared, saturated FeS04 solu- 
tion. The brown color of the nitrosyl complex, Fe(NO)++, 
identifies nitrites. 

Identification of Nitrate. The “ ring ” test to be employed here 
in the analysis of this known mixture is interfered with by the 
presence of nitrite and chlorate. The former is destroj’^ed by 
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evaporation with NH4CI and the latter by reduction with Na2S03. 

Place 5 ml. of the solution in an evaporating dish, add 3 to 4 
grams* of solid NH4CI and evaporate nearly to dryness. Add 10 
ml. of water and repeat the evaporation. Again add 10 ml. of 
water, filter, discarding the residue if any. 

To one half of the filtrate add dilute H2SO4 until acid and then 
1 ml. in excess. Then add 0.1 of a gram of Na2S03, heat to boil- 
ing, boil for one minute and filter. Cool the filtrate, add 5 ml. of 
concentrated H2SO4 and thoroughly cool in running water. 
Holding the test tube in an inclined position, carefully add several 
milliliters of freshly prepared ferrous sulfate solution. The brown 
ring which forms shows the presence of nitrate. 



PART IV 

SYSTEMATIC ANALYSIS 

A complete qualitative chemical analysis of a sample of material 
consists of the separate systematic detection of cations and anions. 
The results will show not only which cations and anions are present 
but those that are absent as well. Within the scope of this book, 
as given in tin; systematic procedures, provi.sion has been made 
for the study and detection of twenty-four of the commoner 
cations and an equal nqmber of anions. In the case of a homo- 
geneous substance such as a single salt, the positive detection of a 
single cation and of a single anion will usually identify the salt 
present. On the other hand, in a sample of greater complexity 
such as a mixture of salts, a qualitative analysis can usually only 
discover which ions are present and not how they may have been 
associated in the original mixture. 

A complete systematic analysis involves (a) a preliminary ex- 
amination of the sample, (6) the detection of anions and (c) the 
detection of cations, along with id) an examination of the acid- 
insoluble residue. Since mo.st of the anions interfere in one way 
or another with the cation analysis, it is advisable to complete the 
anion analysis before the cation detection is begun. 

Types of Samples. In order to simplify the work and to keep 
the procedures from becoming too involved for the beginning 
student, the work outlined here provides for the analysis of samples 
of several different types, as follows: 

1. Liquid samples, hereafter referred to as “ test solution un- 
knowns,” composed of mixtures of cations of one or more cation 
groups or of mixtures of anions of one or sevei*al anion groups. 
This kind of student unknown is referred to again on page 277. 

2. Solids consisting of a single compound. See page 278. 

3. Solid mixtures of salts. This type of sample consists of 
unknowns made up of solid mixtures of several common salts. 
See page 280. 
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4. Alloys and metals. This type of unknown involves dis- 
solving methods and analysis for rations and for a limited number 
of anions. 

5. Ores, minerals and technical products. This type of sample 
will give some practice in fusion methods. 

6. Silicates. The detection of silica in silicates by special 
methods is here considen-ed. 

SYSTEMATIC ANALYSIS OF 
“TEST SOLUTION UNKNOWNS” 

These are the samples, submitted early in the laboratory course, 
which consist of mixtures of cations or of anions of a single group 
or combinations of several groups. Tlvey are usually made from 
the test solutions. The components are usually already in solu- 
tion, hence no special provision need be made for dis.solving the 
sample. Since the cation samples are derived mainly from the 
nitrates of the metals and the anion samples from the sodium or 
potassium salts, interferences arc normally not cuicountered with 
this type of sample. 

The procedures of analysis, already developed in Parts II and III, 
are incorporated in the schemes whi(!h follow, that for anion de- 
tection beginning on page 281 and that for cation detection 
beginning on page 290. The main con.sideration at this point is 
the preparation of the sample, so that detectable; amounts of each 
ion may be present and the sample brought to a suitable volume. 

Preparation of the Anion Solution. Since the'se samples consist 
of mixtures of anion test solutions of one or more groups, enough 
of the sample should be taken to insure the detection of all anions 
present. In general the anion tests arc not as sensitive as those 
of the cations; for this rea.son it is best to provide for ample 
amounts of each anion. If the samples arc compounded from the 
“ stock ” test solutions, each milliliter will contain 50 milligrams 
of anion. Take 10 ml. of the sample, add 2 ini. of 4 Af NaOH if 
this has not already been done, dilute to 50 ml. with distilled 
water and proceed with the detection of the anions of Group I 
and of subsequent groups, depending upon whether the sample is 
one of a single group, a combination of several groups or a general 
anion- sample comprising all groups. The procedure for Group I 
will be found on page 282. 
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Preparation of the Cation Solution. These samples are already 
in solution except as noted and are free from interfering anions, 
oxidizing agents and large concentrations of strong acids. In 
general the cation scheme is capable of detecting a few milligrams 
of any one cation in the presence of several hundred milligrams of 
other cations; hence, if the student sample was prepared from the 
dilute “ 10-milligram-per-millilitcr ” student test solutions, a 
25-ml. portion of the sample should be used. If, on the other 
hand, the “ stock ” test solutions were employed (100 milligrams 
per milliliter) it is best to dilute 10 ml. of the sample with 15 ml. 
of water, making a total volume of 25 ml. If a precipitate is 
present, the sample container should be shaken so that a propor- 
tionate part of the solid is included in the solution. 

If the imknown is one fn Group I alone, proceed with this 25- 
ml portion as directed in detail on page 295. 

For Group II only s(!e page 297 ; for Group III only, see page 
303; for Group IV only, page 312; and Group V, page 313. 

For unknowns of this type, covering all cation groups, or at 
least more than one group, take the 25-ml. portion and use the 
scheme beginning on page 295 for Group I and proceed through 
the cation groups. 

In case the sample is submitted in the form of solid water- 
soluble nitrates and chlorides, di.ssolve a 1-gram portion in 25 ml. 
of water and proceed according to the several group precipitations. 

SYSTEMATIC IDENTIFICATION 
OF A SINGLE SOLID COMPOUND 

Samples composed of a single substance, usually a solid, are 
generally submitted for student analysis after the separate pro- 
cedures for cation and anion analysis have been studied and 
“ test solution unknowns ” have been analyzed, but before the 
analyses of more complicated samples such as solid mixtures of 
salts, alloys, ores and technical products are undertaken. The 
sample may be a simple salt, an acid, a base or an oxide. In 
general, the procedure for the identification of the substance con- 
sists of a systematic search for the anion followed by that for the 
cation. A definite, pronounced test for an anion as well as that 
for a cation will identify the compound as a salt. If, however, 
an anion is definitely detected and no cation can be found the 
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conclusion is that the sample is an acid, the cation being the 
hydrogen ion. On the other hand, if a cation is found but no 
anion, the substance is either a hydroxide or an oxide. 

In actually carrying out the procedures for the identification of 
the substance, a preliminary examination of the sample, as 
described on page 280, should be made first. The anion should 
be sought for next; then the cation should be identified. 

Preparation of the Anion Solution. Whether or not the sample 
is water soluble, take 0.5 of a gram of the solid compound, add 
25 ml. of molar Na 2 C 03 and boil for 5 minutes. Filter off the solid 
residue, add 2 ml. of 4 M NaOH to the, filtrate, dilute to 50 ml. 
and proceed with the detection of the anion as described on page 
282. This solution is referred to as the " prepared ’’solution. 

Having identified the anion present, another portion of the 
sample is dissolved in water or acids and this solution is used for 
the detection of the cation. 

Before the cation solution is made and the analysis is begun, tht* 
solubility relationships should be considered, since, because the 
anion present is known, some clues can be discovered regarding 
the cation likely to be present. For this purpose the solubility 
tables (on pages 330, 331 and 332) should be consulted. For 
example, suppose the sample is found to be a carbonate and the 
sample is water soluble; obvioasly, since the table shows all normal 
solid carbonates to be insoluble in water except Na 2 C 03 and 
K 2 CO 3 , the sample must be either one of these two. Or, again, 
.suppose the sample is a water-insoluble sulfate; this fact limits 
the cation to lead or the alkaline earth elements. In this way, 
much help can be derived from the solubility table. The color of 
the compound .should also be taken into consideration at this time. 

There is likely to be no serious interference of anions with the 
cation procedure with these simple substances, and no special pro- 
cedure except for phosphates, oxalates or tartrates need be intro- 
duced. 

Preparation of the Cation Solution. The procedure for dissolv- 
ing the sample depends upon the solubility of the sample. 

1 . If the sample is rather soluble in water, take a 0.5-gram 
portion, add 25 ml. of distilled water and heat to boiling. This 
will furnish a .sufficient amount of the cation for its detection. 
Turn to the cation scheme on page 295 and follow the procedure 
until a decisive test is obtained. 
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2. If the sample is not appreciably soluble in water, treat a 
0.5-gram portion of the sample with 5 ml. of dilute HNO3, warm- 
ing the mixture and adding more acid as long as action continues. 
If the sample has completely dissolved, evaporate the solution 
almost to dryne.ss, dilute with 5 ml. of dilute HNO3 and enough 
water to bring the volume to 25 ml. and proceed with the cation 
detection on page 295. If dilute HNO3 fails to dissolve the sample 
completely, add 5 ml. of concentrated HNO3 to the dilute HNO3 
used as original solvent, heat, and if no residue remains, evaporate 
and dilute as before. 

3. If dilute or concentrated HNO3 fails to dissolve the sample 
repeat, using dilute HCl and, if this fails, use aqua regia, in either 
case evaporating to small bulk in the presence of HNO3, diluting 
to 25 ml. and using the resulting solution for the cation detection, 
as described on page 295. 

SYSTEMATIC ANALYSIS OF MIXTURES OF 
SOLID SALTS 

Preliminary Examination op Sample 

A preliminary physical examination of the sample may throw 
considerable light on its nature and probable composition. Note 
the color and other physical properties. If possible, separate a 
small portion of the sample into its component salts, preferably 
by aid of a magnifying glass, and note the color, hardness, crys- 
talline form, etc. If a physical separation is at all possible special 
tests on the separated portions may later be made to confirm the 
results of the systematic analyses. 

Treat a small portion of the sample with hot water and note 
the color of the resulting solution or supernatMit liquid; a colored 
solution may be due to the presence of water-soluble salts of cop- 
per, cobalt, nickel, iron or chromium, or to soluble chromates, 
dichromates, ferrocyanides or ferricyanides. Test the solution 
with litmus paper; an alkaline reaction will indicate a free base 
or salts which have hydrolyzed to give a basic solution, such as 
carbonates, sulfides, phosphates and borates; an acid reaction will 
indicate free acid, an acid salt or salts of heavy metals such as 
FeCl3 which hydrolyze to give an acid solution. 

Add dilute HCl to another small portion of the sample. If a 
gas is given off the possible presence of carbonates, sulfides, sul- 
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fites, cyanides, thiosulfates or nitrites will be revealed. Be careful 
about smelling the gas if cyanides are likely to he 'present. 

Heating a portion of the sample in a hard glass tube is useful 
in revealing the presence of organic matter, though another test 
for organic matter is provided below. 

Blowpipe tests, bead tests and the action of concentrated H2SO4 
are sometimes resorted to in the preliminaiy examination, but the 
results are often hard for the beginner to interpret. The additional 
information secured is useful, however, in correlating the results 
of the systematic analysis. 


Systematic Anion Analysis 

In a complete systematic analysis of samples, especially of the 
kind under consideration, it is best to carry out the anion de- 
tection before that of the cations. With the exceiition of a few 
anions such as the carbonate and the nitrate in a dilute solution, 
most of the anions interfere with the regular scheme for the div 
tcction of the cations. By identifying the anions first, the pioper 
steps can then be taken in preparing the solution for the elation 
analysis, introducing modifications in the regular scheme that will 
remove or otherwise overcome the interferences caused by the 
presence of these anions. The logical order, thiTcfore, is to find 
out which anion or anions arc present and what interference might 
result and then proceed with the preparation of the cation solution 
and its analysis; provision is also made, however, in the systematic 
cation procedure for the detection of cations independent of a prior 
anion analysis in cases where special emphasis is to be given to the 
cation content of the sample. 


Preparation of the Anion Solution 

In the procedure for the detection of anions the sample must be 
rendered soluble and, since most of the cations interfeie, they 
must be removed. Acids cannot be used as solvents but NaaCOa 
is used instead. The following instructions in regard to the treat- 
ment of the sample must be observed. 

1. If the sample is a student unknown prepared from test solu- 
tions and intended for the detection of anions only, interfering 
cations will be absent, and the sample will be in solution or in 
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water-soluble form. Proceed with precipitation of Group I of the 
sample as described below. 

2. If the sample is a solid compound or a mixture of salts and 
if it may contain cations other than sodium, potassium or ammo- 
nium, the sample must be treated with sodium carbonate. The 
solution so prepared is hereafter referred to as the “ prepared ” 
solution. 

Take a 1-gram portion of the thoroughly mixed and powdered 
solid sample, add to it 25 ml. of molar Na2C03 solution and boil 
for 5 minutes. Decant o r filter off the supernatant liquid into a 
beaker and repeat the Na2C03 treatment. Combine the solutionsor 
filtrates for the anion analysis, reserving the residue for special tests. j 

This treatment will transpose the anions into soluble sodium 
salts and precipitate the cations as insoluble carbonates, basic 
carbonates or hydroxides. A few substances such as silicates, the 
halides of silver and certain phosphates are not transposed by mere 
boiling with Na2C03. If these are suspected and not found by 
the regular procedure, the sodium carbonate residue should be 
examined for their presence. 

Analysis of Group I 

Group Precipitation. The procedure differs, depending upon 
whether chromat('s are present or absent. The reason is that, 
when chromates are present, boiling of the group precipitate is 
avoided in order to lessen tlu; tendency of the chromate to oxidize 
reducing ions which may be present. Th(; presence of chromates 
will be indicated by the yellow color of the “ prepared ” or original 
solution. 0 

1. In the absence of chromates, dilute the prepared solution (or 
original solution, in case it was unnecessary to prepare one) to 
50 ml.^Add 2 ml. of 4 M sodium hydroxide and then add the 
group reagent, 1 AI Ca(N03)2 until precipitation is complete. 
Heat the mixture to boiIingT^Ilow to settle and filter. Wash the 
precipitate with 2 separate portions of water, adding the washings 
to the filtrate. Reserve the filtrate for subsequent boiling and 
analysis of subsequent groups. 

Wash the residue repeatedly with small portions of water, until 
successive portions of the filtrate no longer give a test for the 
nitrate ion. This test is made to assure the complete removal of 
impurities from the residue. The “ ring ” test for the nitrate ion 
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is conducted by adding a small volume of concentrated H 2 SO 4 to 
a few millilitei’s of the filtrate, cooling t lior o\ig hly and then adding 
a small volume of saturated F eS 04 Solution. ^ 

The precipitate will consist of the calcium salts of the anions of 
this group as well as some Ca(OH) 2 . 

2. In the 'presence of chromates, dilute the prepared or original 
solution to 50 ml. with water, add 2 ml. of 4 M sodium hydroxide 
and then 1 M Ca(N 03)2 solution until precipitation is complete. 

Filter off the precipitate, saving the filtrate for further treat- 
ment and analysis of subsequent groups. Wash the precipitate 
with two 10 -ml. portions of water, combining these washings with 
the main filtrate. Finally wa.sh the residue with small portions 
of dilute NH4OH until the yellow color of the chromate ion is no 
longer evident. Discard these latter washings. 

The filtrate from either (1 ) or ( 2 ) should then bo boiled to pre- 
cipitate completely any sulfite ion left unprecipitated by the group 
reagent. If there is a precipitate, filter it off and add it to the 
main group precipitate. Use the filtrate for the analysis of 
Groups IT through V. 

Detection of Carbonate. If the “ prepared ” solution was used 
in the group precipitation, obviously CaCOa will be pre.sent in the 
group precipitate and the te.st for CX) 3 “ must be made on a portion 
of the original samph'. In this case iirqceed as follows: To a por- 
tion of the original sample in a test tube, add somci solid K^Ci’aOT 
(and 1 ml. of water if the sample is a solid) and then a fmv drops 
of dilute sulfuric acid. A vigorous eff(u-vescencc is usually indica- 
tive of the presence of carbonates. This can lx; confirmed, if 
necessary, by the Ba(OH )2 bead test described below. 

If, on the other hand, the .sample was not subjected to Na 2 C 03 
treatment, the detection of carbonates is carried out as follows: 
Have at hand a platinum wire, in the loop of which is h(‘ld a drop 
of Ba(OH )2 reagent. Treat the group precipitate with 25 ml. of 
dilute ( 12.5 per cent) acetic acid, at the same time holding the 
drop of barium hydroxide in the escaping gas. If a vigorous 
effervescence takes place becaiise of evolution of C ’02 and the 
drop of alkaline reagent turns turbid, the presence of carbonate is 
shown. 

The residue, if one remains after the acetic acid treatment, may 
be CaC 204 or CaF 2 or both. The ac(dlc acid filtrate may contain 
borate, sulfite, arsenite, arsenate, phosphate and tartrate ions. 
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To proceed with the detection of the other ions of this group add 
25 ml. of water to the acetic acid solution, filter off the precipitate 
if one remains and wash it repeatedly with small portions of water 
until separate portions of the washings no longer show a reducing 
action. The reducing test is made to remove the last traces of 
sulfite or ai’senite which may remain in the precipitate. The 
reducing test is made by adding a drop of very dilute iodine solu- 
tion, containing starch as indicator, to a small volume of the 
washings; the blue color of the test reagent will fade if reducing 
ions are present in the washings. 

Detection of Oxalate. Treat the residue on the filter paper with 
20 ml. of hot, dilute H2SO4 and wash once with 10 ml. of water. 
The filtrate from this may contain the oxalate ion. . Take 5 ml. 
of this solution, heat it to boiling and add a few drops of 0.002 M 
KMn04 solution. A bleaching of the permanganate solution, due 
to reduction, shows the presence of the oxalate ion. 

Detection of Fluoride. A residue remaining after the H2SO4 
treatment is probably CaF2. The etching test for fluorides is 
conducted as follows: Coat the bottom of a small watch glass with 
paraffin and make a scratch or some chaructei’s through the 
paraffin coating, in the c(‘ntral portion of the watch glass. Trans- 
fer the residue to a glass plate or slides, heap it up into a little com* 
and make a deep depression in the center. Place a few drops of 
concentrated H2SO4 in the crater, cover with the watch glass and 
set it aside. At the end of about a half-hour, examine the watch 
glass and note whether the glass where the surface was exposed by 
the scratch is etched by the hydrofluoric acid evolved from the 
calcium fluoxide. 

Detection of Borate. Take 2 ml. of the filtrate from the acetic 
acid treatment of the group pi-ecipitate and evaporate almost to 
dryness. Add a drop of concentrated HCl. Moisten a piece of 
turmei'ic paper with this solution, place it on a watch glass over a 
beaker of boiling water and allow the paper to dry. A pink 
coloration imparted to the paper shows the presence of borate. 
If no coloi'ation results on the fii-st drying, the test paper should be 
treated again as before'. To make doubly sure, treat the spot with 
a drop of NaOH ; the color should change to a dull green. 

Detection of Sulfite. On a watch glass place a few drops of 
saturated ZnS04 solution, a drop'or two of K4Fe(CN)6 solution. 
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together with several drops of sodium nitroprusside reagent. 
Then add a drop of the filtrate from the acetic acid treatment. A 
red color shows the presence of the sulfite ion. 

To confirm this, take a small portion of the acetic acid filtrate 
and to it add 10 ml. of a hot, saturated solution of HgCl2. If a 
sulfite is present, a white precipitate of Hg2Cl2 will form. 

If sulfites are proved to be present boil 30 ml. of the acetic acid 
filtrate until free from sulfite, as shown by repeated tests for this 
ion. Biing the volume back to 30 ml. with water and divide into 
three portions. 

Detection of Arsenite. To 5 ml. of the boiled filtrate, from which 
sulfite has been completely removed, add 5 ml. of water in order 
to reduce the acidity. Then add a few drops of starch .solution 
and a few drops of 0.01 N iodine solution. The iodine will be 
reduced by the arsenite, with the di.sapj)earancc of the blue color, 
if this anion is piesent. 

Detection of Arsenate. 'I'o another .5 ml. portion of the boiled 
solution add 5 ml. of concentrated HC 3 and a small quantity of 
potassium iodide;. The iodide ion will be oxielized by the arseaiate* 
ion to free iodine which gives a brown coloration to the solution, 
in case an arsenate is present. 

Detection of Phosphate. If arsenate or arsenite are not pre'sent , 
test for the phosphate ion with (NIl4)2Mo04 as dc,scribt;el bele)w; 
if the interfering arsenic ions have be*e>n founel, proceed as fejlle»ws: 
Take 20 ml. of the boiled solution, add about 1 gram of soeliuin 
sulfite in order to reduce the arsenate to arsenite, make stre)ngly 
acid by adding 2.5 ml. of concentrated HCl, heat to boiling and 
pass in hydrogen .sulfide until precipitation of As2f^3 is complete. 

Filter off and discard the arsenious sulficU;. Boil the filtrate to 
('xpel the cxc(;ss of H2S, The complete removal of II2S should be 
te.stcd for by holding over the boiling solution a strip of lead 
acetate paper, which in the pre.sence of H2S will become black. 
Hydrogen sulfide must be fully eliminated because if presemt, even 
in traces, it will reduce the ammonium molybdate reagent used in 
the phosphate test. 

The filtrate, now free from arsenic and hydrogen sulfide, is then 
tested for phosphates. Add to 5 ml. of this an equal volume of 
water, 5 ml. of concentrated HNO3, 1 gram of NH4NO3 and finally 
10 ml. of ammonium molybdate solution. Heat this mixture 



286 


SYSTEMATIC ANALYSIS 


nearly to boiling. A yellow precipitate which may form is ammo- 
nium phospho-molybdate, (NH4)3P04-12 Mo 03. This may stand 
10 minutes before the precipitate forms. 

Detection of Tartrate. Transfer the remainder of the solution 
to a small evaporating dish, evaporate nearly to dryness and then 
add a few drops of concentrated H2SO4. Charring accompanied 
by the odor of burnt sugar shows the presence of tartrates. 

Analysis of Group II 

To a small amount of the filtrate from Group I add a little 
Ba(N03)2 reagent. The formation of a white or yellow precipi- 
tate shows the presence of this group. If this te.st is positive, 
carry out the sejiarate test for sulfate and then the group precipi- 
tation. 

Detection of Sulfate. To another small portion of the filtrate 
from Group I add dilute HCU until the solution is distinctly acid 
and then add tlui Ba(N03)2 reagent. If a white precipitate 
forms here, it is I3aS04 and proves the presence of sulfate. 

Group Precipitation. To the remainder of the filtrate from 
Group I add Ba(N03)2 until precipitation is complete. The pre- 
cipitate may consist of BaS04 and I^Cr04. A yellow color is 
positive proof of the presence of a chromate. Heat to boiling 
and filter off the precipitate, retaining the filtrate for the detection 
of ions of subsequent groups. Wash the inecipitate until tin; 
washings no longer give a nitrate test. 

Detection of Chromate. Treat the residue on the filter with 
dilute HCl, which will dissolve the BaCr04. Make the filtrate 
alkaline with dilute NH4OH and then supply just enough dilute 
HG2H3O2 to make the solution faintly acid. If chromate is 
present, yellow BaCr04 will again precipitate. 

Analysis of Group III 

Take a few milliliters of the filtrate from Group II and treat it 
with 5 ml. of 0.5 M zinc nitrate reagent. A precipitate shows 
the presence of members of this group. If a precipitate is formed, 
proceed as detailed below; if not, proceed with Group IV. 

Group Precipitation. Treat the entire filtrate from Group II 
with 0.3 to 0.4 of a gram of solid Na2C03 and, while stirring con- 
stantly, add the zinc nitrate until the precipitation is complete. 
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Filter. Reserve the filtrate for the analysis of subsequent groups. 
Wash the residue until separate small portions of the washings no 
longer give a test for the nitrate ion; discard the washings. 
Treat the group precipitate for the detection of sulfide, cyanide, 
ferrocyanide and fcrricyanide according to the following pro- 
cedures. 

Detection of Sulfide, l^ivide the residue into two parts. 'Fo 
one part add a little water and shake to produce a suspension. 
Transfer a portion of the suspension to a test tube, moisten a strip 
of lead acetate test paper and, holding it over the mouth of the 
test tube, add a little dilute HCl to the tube. If the test paper 
turns brown or black, the presence of hydrogt'ii sulfide is shown. 
The odor of H2S will also be evident if considera})lo quantities of 
this gas are evolved, but do not deliberately attempt to detect 
H2S bjf placing the nose near the b'st tulx', since HCN will also 
be evolved if a cyanide is present. 

Detection of Cyanide. Place anotlu'r j)ortiou of t lu' suspension 
in a small Erlenmeyer flask, add 5 ml. of waten- and tlu'ii acidify 
with dilute HCl. Place over the mouth of the flask a piece of 
filter paper moistened with dilute NaOH. Heat the conb'iits of 
the flask and boil for about a minute. Then tn'at the filt('r paper 
with 2 drops of freshly prepared FeSO^ solution, acidify with one 
drop of concentrated HCl and finally one droj) of FeCla solution. 
The blue color which forms is Prussian blue, Fe4lFe(CN)o]3, 
precipitated by the ferrocyanide formed from the cyanide. 

Detection of Ferrocyanide. To a portion of the residue, mad(^ 
slightly acid with dilute HCl, add a few dro{)s of FeCla reagent. 
Prussian blue will form if a ferrocyanide is present. 

Detection of Ferricyanide. To still another portion of the sus- 
pension, add a few drops of freshly prepared F(!S04. In the 
absence of ferrocyanides, if a blue preci})itat(! (Turnbull’s blue) 
forms, ferricyanidcs are shown to be present. The test is not en- 
tirely conclusive if the ferrocyanide ion is also present. 

Analysis of Group IV 

To 2 ml. of the filtrate from Group III, add a small volume of 5 
per cent AgNOa and then make very faintly acid with dilute 
HNO3. If a precipitate persists, members of this group are shown 
to be present ; otherwise pass on to Group V. 
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Group Precipitation. If the precipitate formed in the preliminary 
test gradually darkens in color, the presence of the thiosulfate ion 
is shown. Owing to the hydrolysis of Ag2S203 the solution may 
become acid enough to cause the reduction of the chlorate ion 
which may be present in the sample. To guard against this, if 
the presence of thiosulfate is indicated the filtrate from Group III 
should be made just alkaline by the careful addition of dilute 
NH4OH; then 1 ml. in excess should be added. To this ammo- 
niacal solution then add the AgNOa reagent until precipitation is 
complete, heat to boiling and finally add, dropwise, dilute HNO3, 
with constant stirring. Allow the precipitate to settle, then 
filter and wash the precipitate twice with 10 ml. portions of water, 
adding these washings to the main filtrate. Reserve the filtrate 
for the detection of anions of Group V. Continue the washing 
of the group precipitate until free from AgNOs; this is shown by 
testing successive portions of the washings with dilute HCl. 

In case thiosulfates are not present omit the treatment with 

NH4OH. 

Detection of Thiosulfate. As already described, the test for the 
thiosulfate is made during the preliminary test as well as during 
the group precipitation. The detection is based on the fact that 
Ag2S203 gradually undergoes decomposition into Ag2S, with 
change in color from yellow through orange and red to black. 

Detection of Thiocyanate. Remove a small part of the group 
l^rccipitate, place it in a test tube, add 5 ml. of water and 5 ml. of 
FeCls reagent. Shake the mixture and allow to settle. A deep 
red color imparted to the supernatant solution, due to the complex 
re(CNS)6“ ion, shows the presence of the CNS” ion. 

Detection of Iodide. The halide ions now remain to be identi- 
fied. In order to test for these, the silver salts must be put back 
into solution. This is accomplished as follows: Transfer the 
remainder of the group precipitate to a beaker, add 15 ml. of 
ammonium polysulfide and heat to boiling. This will dissolve the 
silver salts of these ions. 

Acidify the solution with dilute H2SO4 in order to destroy the 
excess of polysulfide solvent. Heat to boiling to expel the hydro- 
gen sulfide, filter off, wash twice and discard the residue, but retain 
the filtrate which now contains the halide ions. 

To 5 ml. of this filtrate in a test tube, add NH4OH until, as 
shown by litmus, the solution is faintly alkaline. Now add 2 ml. 
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of carbon tetrachloride and then, drop by drop, a solution of sodium 
hypochlorite. Shake the tube; if a violet color appears in the 
carbon tetrachloride layer it is due to iodine, liberated by the 
oxidation of the iodide ion by the NaOCl. 

Detection of Bromide. To the same test tube in which the 
iodide test was made, add more NaOCl until the violet color is dis- 
charged and all the iodine has been oxidized to the colorless iodate 
form. Then acidify with dilute H2SO4 and continue treatment 
with NaOCl in order to oxidize the bromide ion to Br2. A red 
or orange color in the carbon tetrachloride layer shows the presence 
of bromine. 

Detection of Chloride. To another 5-inl. portion of the solution 
containing the dissolved halides, add AgNOa reagent until the 
precipitation of the silver salts is complete, heat to boiling and 
filter, discarding the filtrate. Wash the re.sidue twice with 10 ml. 
of water. 

Then treat the precipitate on the filter with 10 ml. of Miller’s re- 
agent (specially prepared NH4OH containing AgNOa and KNO3). 
This reagent will attack AgCl but not AgBr nor Agl. 

The filtrate from this ammoniacal silver nitrate may contain 
the chloride in the form of Ag(NH3)2'''. To 1 ml. of this filtrate 
add enough dilute HNO3 to acidify the solution. AgCl will be 
reprecipitated if chloride ion is pre.sent. 

Analysis of Group V 

The filtrate from Group IV will contain the excess of the group 
reagents added in the preceding procedures, namely, Ca++, Ba''‘+, 
and Ag"^ as well as Na"^ and NOa” ions. It may contain 
also chlorate, acetate and nitrite ions. In order to remove the 
cations added as group reagents, add solid NaaCOa until a dis- 
tinctly alkaline solution results, heat to boiling and evaporate to 
one-half the oiiginal volume, filter and wa.sh once with a small 
volume of water. 

Detection of Chlorate. To 4 or 5 ml. of this filtrate add dilute 
H2SO4 dropwise until acid to litmus and then 1 ml. in excess. 
Then add 0.2 of a gram of Na2N03 to reduce the chlorate to 
chloride. Boil the solution, then add 2 ml. of concentrated HNO3 
to destroy excess NaN02 and finally add 2 ml. of AgNOa. If a 
white precipitate (AgCl) forms it identifies chlorates in the 
original sample. 
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Detection of Acetate. Take another 5 ml. of the filtrate, add 2 
ml. of concentrated H2SO4, cool under the tap and then add an 
equal volume of ethyl alcohol. Heat the mixture gently. The 
odor of ethyl acetate, if detected, identifies acetates in the sample. 

Detection of Nitrite. To still another 5 -ml. portion of the 
{Uiltrate add dilute HC2H3O2 until neutral and then acidify with 
5 ml. more of the acetic acid. Shake the mixture, cooling if neces- 
sary. Then carefully add 2 or 3 ml. of freshly prepared, saturated 
FeS04 reagent. A brown color shows the presence of nitrite. 

Detection of Nitrate. The test for nitrates must be made on a 
portion of the original or “ prepared ” solution, since nitrates 
have been added as group reagents. Furthermore, the “ ring ” 
test is interfered with by a number of ions. The removal of the 
anions of other groups is effected by the use of barium acetate and 
silver acetate; nitrites are removed by treatment with NH4CI 
and chlorates by reduction with Na2S03. The detailed pro- 
cedure follows. 

To 10 ml. of the “ prepared ” .solution or the .same volume of the 
original sample, add a mixture of barium acetate and saturated 
silver acetate until precipitates no longer form. Heat the solu- 
tion, filter and wash twice with 10 ml. of water, retaining the 
washings along with the filtrate. To the filtrate add 5 grams of 
solid NH4CI and evaporate almost to dryness. Add 10 ml. of 
water and again evaporate until only a few milliliters remain. 
Filter off and discard the residue. 

To part of this filtrate add 2 ml. of concentrated H2SO4, and 
then 0.1 gram of solid Na2S03, boil and filter. Cool the filtrate 
under the water tap. Incline the test tube and cautiously add 
several milliliters of freshly prepared FeS04 solution. A brown 
ring identifies nitrates in the original sample. 

Systematic Cation Analysis 

With samples consisting of mixtures of solid salts, where inter- 
fering anions, strong acids, oxidizing agents and organic matter 
may be present, special care must be taken in the preparation of 
the sample for the cation analysis and consideration must be given 
to the possibility of interferences. Before suitable means can be 
provided to correct for these interferences, we must know in what 
ways these objectionable substances interfere. 
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In a general way we can say that the difficulties encountered 
are of three kinds: (1) High concentrations of strong acids, es- 
pecially the oxidizing acids, HNO3 and aqua regia, as well as 
oxidizing agents such as K2Cr207, KMn04 and P'eCla, interfere 
by reacting with the H2S used in the precipitation of sulfides and 
by producing colloidal or free sulfur or insoluble sulfates. (2) 
Anions of Groups I and II will, in a neutral or basic solution, 
precipitate insoluble salts if Ca++, Ba++, Sr++ or Mg++ (and pos- 
sibly Pb+‘'‘) are present and this will make detection of these cations 
uncertain or even impossible unless modifications are introduced. 
(3) The formation of complex ions with certain anions and cations 
may prevent the precipitation of the cations in (piestion. In 
addition, certain anions interfere with the regulation of th(i 
sulfide-ion concentration, i)roduce insoluble compounds or other- 
wise obstruct the simple operation of the regular scheme of 
analysis. 

Before the specific interference of the individual anions is dis- 
cussed, it may be well to state at this point that there is a general 
method applicable to the removal of many of th(\se troublesome 
substances. This consists of volatilizing or destroying them bj'^ 
fuming down the solution with H2SO4. The details of this method 
are described later. In certain cases there is a simpler way out of 
the difficulty, but the method nevertheless must be employed for 
the removal of certain objectionable substances and, moreover, if 
for any reason the anion analysis has not yet been made, the treat- 
ment with H2SO4 must be resorted to. 

The chief causes of difficulty, together with a hint for overcom- 
ing the interference, are here briefly enumerated, listing the anions 
in the order of the systematic anion scheme. 

Carbonates. Carbonates do not interfere. They will be cvolv(*d 
as CO2 during acid treatment in dissolving the sample or during 
precipitation of Group I. 

Oxalates. Oxalates cause the premature prepipitation of Ca++, 
Sr++, Ba++ and Mg++ in Group III. They can be removed by the 
general fuming-down method or by the special method described 
on page 309. 

Fluorides. Fluorides interfere the same as oxalates. They can 
be removed as HF by fuming down with H2SO4.' 

Borates. Borates interfere the same as oxalates and are vola- 
tilized as boric acid with H2SO4. 



292 


SYSTEMATIC ANALYSIS 


Sulfites. Sulfites will react with H2S to produce free or colloidal 
sulfur in Group II. They can be removed by acid treatment. 

Arsenites. There is no interference. Ai’senites are precipitated 
as AS2S3 in Group II according to regular procedure. 

jLrsenates. Arsenates are slowly and po.ssible incompletely pre- 
cipitated in Group II unless reduced with NH4I according to th(? 
regular procedure. 

Phosphates. There is serious interference since Ca++, Sr+''', 
Ba++ and Mg++ will be precipitated in Group III. In the presence 
of phosphates, the modification of the procedure described on page 
310 must be used. 

Tartrates. Tartrates interfere in same way as oxalates and 
phosphates. Besides, the tartrate ion forms complexes with A 1 
and Cr, preventing precipitation of the.se cations. They can be 
removed by fuming down according to (a) the general method 
or (6) as described on page 309 . 

Sulfates. Sulfates will cause precipitation of BaS04, HrS04, 
PbS04 and possibly CaS04. These cations arc then sought for 
in the acid-insoluble residue according to the procedure given 
on page 315 . 

Chromates. Chromates interfere by oxidizing the hydrogen 
sulfide in Group II. ‘They are reduced with alcohol or H2SO3. 
The CV+++ is then detected in Group III. 

Sulfides. In dissolving the sample in HNO3, sulfides may pro- 
duce free sulfur or SO4 ions. For sulfides soluble in HCl the dif- 
ficulty is easily overcome but for the nitric acid-soluble sulfides, 
interference is unavoidable. 

Cyanides. Cyanides may form stable complex ions with elements 
like copper and thus prevent precipitation of sulfides. Should 
be avoided in student samples oft account of their poisonous na- 
ture. Treatment with acids will decompose cyanides with lib- 
eration of HCN. 

Ferrocyanides and Ferricyanides. The tendency to react with 
each other and to form insoluble and difficultly filtrable products load 
to considerable trouble. The general method of treatment with con- 
centrated H2SO4 will decompose salts of these complex cyanides. 

Thiosulfates. Same as sulfites. 

Thiocyanates. In presence of iron thiocyanates produce color 
interference. They can be removed by acid treatment. 

Iodides. Iodides will precipitate Ag, Pb and Hg (ous) as acid- 
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insoluble salts. They are easily oxidized by nitric acid with lib- 
eration of free iodine. They can be removed by treatment with 
concentrated H2SO4. 

Bromides. Same as iodides. 

Chlorides. Same as iodides except that chlorine is not libera- 
ted with nitric acid. 

Chlorates. Chlorates may cause oxidation, in an acid solution, 
of reducing substances such as the halides, and nitrites. They 
will oxidize H2S to sulfur. They can be removed by treatment 
with H2SO3. It should be remembered that a violently explosive 
mixture is produced when a solid chlorate is warmed with con- 
centrated H2SO4. 

Acetates. Acetates interfere with tlie rc'gulat.ion of the hydrogen- 
ion and sulfide-ion concentrations during precipitation of Group 
II. They can be easily removed by boiling with an acid. 

Nitrites. NitriU's will oxidize H2B. They can l)e removed by 
acid treatment. 

Nitrates. There is no interference when nitrates are present in 
dilute solution but they oxidize H2S when ]>resent as strong 
HNO3. They can be removed by fuming down with H2SO4. 

Silicates^ Decomposable silicates would pi’ecipitate as silicic 
acid in Group I. They can be removc'd as described on page 311). 

Orgaiiic Matter. Substances like sugar, starch and organic 
compounds of like nature interfere much as do tartrates and ar<^ 
removed by similar methods. 

The means of removing these inteilering substances, can be 
summarized as follows : 

1. By volatilization with acids without drastic fuming down; 
C03“, BOa', S03“, S=, CN‘, S2O3-, CNS“, C2H3O2', N02“. 

2. By fuming down with HNO3 and concentrated H2SG4: 
C204“, F", C4H4O6-, Fe(CN)6““, Fe(CN)6-, I”, Br', CA', 
organic matter, NO3 » 

3. By reduction with H2SO3: Cr04”, CIOs", ASO4®, (Mn04”). 

4. By special methods; PO4® See page 310; for special pro- 
cedure for 0204“ and C4H406” see page 309. 

Preparation of the Cation Solution 

The treatment of the sample, in getting it into solution and 
removing the interfering substances, may be varied somewhat 
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depending upon , the solubility .of the sample and what anions are 
present. 

1. If the sample is readily solflble in' dilute HNO 3 (as shown 

by a trial) and free from anions which require luming down, treat 
a Irgram portion, with 25 mb of dilute HNO 3 , boil until com- 
pletely dissolved, bring the* volume to 25 ml. and proceed with 
the precipitation of Group I.. ’ * • 

2. If interfering anions of other types ^re ..present proceed as 
follows:- Treat- a 1 -gram portion of sample in an evaporating dish 
with 15 ml. of dilute H2SO4 and 5 ml. of concentrated HNO3. 
Boil the mixture until SO3 fumes are evolved. Add 10 ml. more 
of HNO3 nnd again fume down to SO3 fumes. If tartrates are 
present and the solution still retains a deep Jtyrown color, repeat , 
the acid Ireatment. ; 

This treatment should destroy oxalates, tartrates and organic 
matter as well as ferrocyanides and ferricyanides, decompose car-: 
bonates, cyanides and other volatile acids, and render soluble' 
most of the insoluble combinations. 

Comparatively few compounds are insoluble in strong HNO3, 
hence this acid is the best solvent. It will, however, trans- 
form salts pf antiihony and tin* into insolul^ ^205 and 
Sn 02 H 20 , which, however, are dissolved by HCl. Nitric acid 
\vill oxidize mercurous, ferrous, stannous, arsenious and antimo- 
nous compdUnds, and change sulfides to sulfur or to sulfuric acid 
with the donsequcnt precipitation of free sulfur or of sulfates 
of lead, barium, strontium and calcium. Silicic acid may be 
precipitated as a gelatinous residue during the treatment .with 
nitric acid. 

Dilute the acid solution to 25 ml. with water and use the filtrate 
for the cation analysis unless a residue remains. 

3. If 9 , 1 -esidue remains insoluble in concentrated HNO 3 treat it 
with 5 ml. of concentrated HCl and heat unj^ action ceases. Add 
a few milliliters of "concentrated HNO 3 if a residue still remains, 
thus making aqua regia the solvent; heat, dilute apd filter. 
Unite this . filtrate with the solutions obtained from the HNO 3 
treatments and follow the procedure outlined below for the 
analysis of the cations. 

The residue resisting the action of all acids is referred to as the 
“ acid-insoluble residue ” and must be examined by the methods 
given undqr “ Analysis of the Insoluble Residue,” page 315. 
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Note: If the sample is a “ test, solution unknown ” known to 
contain ions of Group I alone, a 25-ml. portion will already have 
been prepared as directed on p^e 278, and the group precipitation 
and analysis .can be carried out directly as described below. 

If the sample is of the same type as the above but is known to 
contain ions of other groups as well* the 25-ijil. portion, already 
prepared hs described on page 278, is analyzed by the proqedures 
beginning with Group I. The presence of a precipitate indicates 
either that a chloride along with Ag+, Hg 2 ‘'"*' or P.b++ reacted to 
form.AgCl, IIg 2 Cl 2 or PbCl 2 or^else oxychlorides or oxynitrates 
of Bi, Sb or Sn are present. . In either cas^ the analysis of the 
mixture will reveal the composition of the precipitate. 

If the sample is. a single .solid compound, the cation solution 
will have been prepared as described^on page 279. Proceed with 
the precipitation of Group I. • 

Analysis of Gjvup I ^ 

Grcliip Precipitation. Take the ^5-ml. portion of the solution 
just prepared and a^d dilute HCl slowly, with constant stirring 
until a ^cipitate no longfer forms. Allow the precipitate to 
settle ana to Tlie clear supernatant liquid add a drop or two of 
dilute HCl; if incomplete precipitation is indicated by the form-, 
ation of a white precipitate, continue the addition df HCl until 
precipitation is complete; then add about 1 ml. moYe of HCl. 
Any basic salts of bismuth or antimony formed on dilution will 
dissolve in this concentration of HCl. The pr(;cipitate may con- 
sist of AgCl, Hg 2 Cl 2 and PbCl 2 . If lead is present in very small 
artiount, it may escape precipitation here; in this case it will be 
found in the next group. 

Pour off the supernatant liquid through a filter. Wash the 
precipitate in the bei^jmr first with dilute HCl to prevent the pre- 
cipitation of BiOCl ana SbOCl and then several times with small 
portions of water, decanting through the filter each time. The 
filtrate may c'ontain ions of subsequent groups, unprecipitated 
lead and excess HCl; set it aside in a labeled, stoppered Erlen- 
meyer for subsequent analysis. 

Detection, of Lead, ^oil the Group I precipitate in the beaker 
with 5 ml. of water and then transfer the .solution and residue to 
a filter paper, flushing with a few milliliters of hot .water and 
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catching the filtrate in a test tube. If a residue remains, which 
may be either AgCl or Hg2Cl2 or both, wash it several times with 
the hot filtrate by pouring it over the residue. 

The hot water filtrate may contain dissolved PbCl2; needle- 
like crystals of lead chloride may crystallize out when the filtrate 
is cooled. This filtrate is tested for lead as follows: 

To a few milliliters of the filtrate add a few drops of K2CrG4 
reagent. A yellow precipitate of PbCr04 shows the presence 
of lead. 

Confirm this by adding to another small portion of the filtrate 
a few drops of dilute«H2S04. A white crystalline precipitate of 
PbS04 further confirms the presence of lead. 

Detection of Silver. If a white residue remains after the hot 
water treatment of the group precipitate, it indicates the presence 
of either silver or mercurous mercury or both. If lead was found 
present, wash this residue on the filter paper repeatedly with 
small portions of hot water until the washings no longer give a test 
for lead; otherwise, omit this washing step. 

Then pour over the residue a few milliliters of dilute NH4OH, 
receiving the filtrate in a clean test tube. A turbid filtrate here 
may be due to basic lead chloride , PbOHCI^ formed through the 
action of ammonia on unextracted lead chloride. ThLs will dis - 
solve in HNOc^ and will not interfere with the test for silver. 

Acidify the filtrate with dilute HNO3, shaking the tube and 
testing with litmus paper. . A curdy, white precipitate of AgCl 
shows the presence of .silver in the sample. 

A blackening of the residue during the ammonia treatment 
indicates the presence of mercury. If the amount of mercury Ls 
large and that of AgCl is small the AgCl may be reduced to 
metallic silver, according to the reaction 2AgCl -f- 2Hg = 2Ag -f- 
Hg2Cl2,- and thus escape detection. If silver is not found by the 
above test, carry out the confirmatory test for mercury as di- 
rected below and treat the thoroughly washed residue remaining 
undissolved by the aqua regia with dilute NH4OH and then 
acidify with dilute HNO3. If small amounts of silver are present 
a white precipitate of AgCl will form. 

Detection of Mercury. If on treating the residue remaining from 
the hot water treatment with dilute NH4OH the residue turns 
black, it is a strong indication that mercury is present. The 
black residue consists of metallic mercury and HgNHoCl. Should 
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such a black residue remain after the ammonia treatment, dis- 
solve it in aqua regia. This may be done by punching a hole in 
the bottom of the filter and pouring a few milliliters of aqua 
regia through the funnel, catching the residue and liquid in a 
small evaporating dish; or, if the residue is large, transfer it to the 
dish by means of a porcelain spatula and add 2 ml. of aqua regia. 
Heat until the black color clears up, boil to destroy excess aqua 
regia or chlorine, dilute to 5 ml. and filter if necessary. (A white ( 
residue at this point will be AgCl and is identified as previously 
directed. )' To the filtrate add a few drops of SnCl 2 solution. A 
white pr^ipitate turning gray or black proves the presence of 
mercury 

Analysis of Group II 

The solution, which may be the filtrate from Group I or an 
unknown mixture of this group only, must be freed from objec- 
tionable constituents and brought to the proper acidity before 
precipitation with H 2 S. The principal objectionable consti- 
tuents are large amounts of strong acids and oxidizing agents. 
These interfere, first, by oxidizing the H 2 S to free sulfur or to 
sulfuric acid, masking the results and causing the precipitation of 
insoluble sulfates of Group IV, and second, by causing diffieultie.s 
in the regulation of the acidity by which the sulfide-ion concen- 
tration is controlled. 

1 . If strong acids are known to be absent, make the solution 

faintly basic with NH4OH and then just acid with dilute HCl, 
testing the solution with litmus paper during the addition of the 
NH4OH and Add exactly 2.5 ml. of concentrated HCl and 

dilute the volume to exactly 50 ml. with distilled water. Dis- 
regard any precipitates which may form during the ammonium 
hydroxide addition or during dilution, since these will dissolve or 
be changed into sulfides on treatment with H 2 S. 

2. If strong acids, particularly HNO 3 , are known to be present 
(and the excess is not removed by the method already prescribed ) 
or, if the concentration of acid is known to be in excess of that 
required for precipitation of this group (2.5 ml. of concentrated 
HCl), add 5 ml. of concentrated HNO 3 and evaporate the sohi- 
tion almost to dryness, but do not bake the residue. Add about 
1 ml. of concentrated HCl and again evaporate almost to dryness. 
Add 20 ml. of water, stirring the pasty mass until it dissolves. 
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Neutralize with dilute NH4OH and then add 2.5 ml. of con- 
centrated HCl. Make up the volume of this solution to exactly 
50 ml. with distilled water. This treatment removes the strong 
oxidizing acids, destroys acetates and organic matter and con- 
verts AsCla and HgCl2 into non-volatile compounds. 

Group Precipitation. To the solution as prepared above, add 1 
ml. of NH4I, heat nearly to boiling and pass into the hot solution 
a rapid stream of H2S for at least 5 minutes. Without filtering, 
add 50 ml. of cold water, making the volume 100 ml., thoroughly 
cool in running water and again pass in H2S for from 5 to 10 
minutes. Filter and pass H2S into the filtrate to ascertain whether 
^ecipitation is complete; if a precipitate forms continue the 
treatment with H2S until precipitation is complete. Allow the 
precipitated sulfides to settle and filter through the same filter. 
If the solution filters through cloudy, because of the presence of 
colloidal sulfur or colloidal sulfides, add a little NH4NO3 solu- 
tion to the filtrate and refilter. Boil the filtrate until the odor of 
H2S is no longer noticeable and set it aside in a stoppered Erlen- 
meyer for the analysis of subsequent groups. 

Wash the precipitate on the filter with small portions of water 
containing H2S and a small quantity of NH4NO3 until the wash- 
ings give only a faint acid reaction with litmus paper. The pre- 
cipitate may consist of HgS, PbS, Bi2S3, CuS, CdS, A82S3 (AS2S6), 
8^283, 8b2S6, 8n8 and 8n82. 8ome free sulfur will always be 
present. 

Note the color of the precipitate and draw conclusions as to the 
sulfides likely to be present. 

If the precipitate is white and finely divided or the solution is 
merely rendered turbid during treatment with H28, only sulfur is 
likely to be present; in this case proceed with the analysis of the 
filtrate for Group III as described on page 303. 

Separation into Divisions A and B. Transfer the well-washed 
group precipitate to a small beaker or evaporating dish, add 10 
ml. of (NH4)282, stir and warm. Add 10 ml. of water and filter. 
Repeat the extraction with a few milliliters of (NH4)282, add a 
few milliliters of water, filter and test a small portion of this sec- 
ond filtrate for complete extraction by acidifying it with dilute 
HCl. No orange or yellow precipitate will form in this acidified 
portion other than a slight turbidity or finely divided white pre- 
cipitate of free sulfur if the extraction is complete. In case of 
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incomplete separation, repeat the (NH4)2S2 treatment with 
small portions of the solvent until tests on separate, fresh por- 
tions of the filtrate give no yellow or orange precipitate. 

Unite the filtrates for the analysis of Division B. Wash the 
residue at least twice with small portions of hot wash water con- 
taining NH4NO3 and analyze for members of Division A. 

The above treatment with (NH4)2S2 dissolves the sulfides of 
arsenic, antimony and tin, oxidizing at the same time those of 
lower valence to the higher state of oxidation, and leaving undis- 
solved the sulfides of mercury, lead, bismuth, cadmium and 
most of the copper. A white precipitate of sulfur left after the 
extraction should not be mistaken for Division A. A small 
amount of CuS will dissolve in the reagent. The members of 
Division B are now in solution as ASS4-, SbS4® and SnSa". 

Analysis of Division A — The Copper Subgroup. The residue, 
if there is one, from the ammonium polysulfide treatment may be 
composed of HgS, PbS, Bi2S3, CuS and CdS. Transfer it to a 
beaker, add 20 ml. of 1:7 HNO3, heat for several minutes while 
stirring constantly and filter. Save the fijtrafe^or the analysis 
of the other members of th is ^i^ ^roup^ 

A residue remaining mayBeTigS or a double salt such as 
2HgS'Hg(N03)2 or gummy sulfur, and possibly a little PbS04, 
resulting from the oxidation of PbS by the HNO3, though not 
enough to interfere with the tests for mercury and lead. 

Detection of Mercury. Wash the residue, if there is one, with 
water, transfer it to a beaker and boil with 5 ml. of aqua regia 
until brown fumes of NO2 are no longer evolved and all chlorine 
is expelled. Do not evaporate to dryness. Dilute with a few 
milliliters of water and filter. To the filtrate add a few drops of 
SnCl2 reagent. A white precipitate or cloudy solution turning 
gray or black shows the presence of mercury. 

Detection of Lead. The filtrate from the separation of mercury 
may contain Pb++, Bi+"‘'+, Cu++ and Cd^^ ions and excess HNO3. 
Place the filtrate in an evaporating dLsh, add 5 ml. of concen- 
trated H2SO4 and evaporate under the hood until white, cloudy 
fumes of SO3 appear. This will not occur until all the HNO3 
has been evolved and the volume has been reduced to a few milli- 
liters. It is important that all HNO3 be removed because PbS04 
is somewhat soluble in this acid and its presence in the filtrate will 
interfere with the test for bismuth. 
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Cool the solution and pour it slowly into 20 ml. of water, wash 
the dish with a few milliliters of water, adding this to the solu- 
tion; allow the mixture to settle and then filter. Reserve this 
filtrate for tests for Bi+‘'^, Cu‘''+ and Cd"*^. A white, finely 
crystalline precipitate, PbS04, is a good indication of lead. 
Basic bismuth sulfate, (Bi0)2S04, may appear at this point and 
be mistaken for PbS04; hence a confirmatory test for lead should 
be made. 

Wash the white precipitate with a little water and then pour 
through the filter 10 ml. of hot NH4C2H3O2 solution. Reheat the 
filtrate and repeat the extraction. Add a few milliliters of acetic 
acid and several drops of K2Cr04 to the filtrate. A yellow pre- 
cipitate of PbCr04 confirms the presence of lead. 

Detection of Bismuth. Neutralize the filtrate from the lead 
separation with dilute NH4OH, and then add a few milliliters in 
excess in order to dissolve copper and cadmium hydroxides if 
present. A white precipitate remaining is Bi(OH)3. If copper 
is present, it will be evidenced at this point by an intense blue 
coloration in the solution. Confirm the presence of bismuth as 
follows: 

Filter off the white precipitate and wash with water. Remove 
and dissolve a portion in a few drops of dilute HCl and pour the 
solution into about 50 ml. of warm water. A white precipitate or 
turbidity is due to BiOCl. If the acid concentration is too high 
the test may fail; before discarding the test as negative, care- 
fully add dilute NH4OH until the excess of acid is neutralized, 
allow to stand several minutes and note whether a precipitate 
forms. 

The best test for bismuth is carried out as follows: Prepare 
fresh sodium stannite, Na2Sn02, by adding NaOH to a few milli- 
liters of SnCl2 solution until the precipitate, which first forms, 
dissolves. Cool the reagent and add a few drops to the Bi(OH)3 
remaining on the filter paper. The precipitate will turn black if 
bismuth is present. 

Detection of Copper. A deep blue solution obtained during the 
Bi(OH)3 separation, which is due to the complex copper-ammonia 
ion, Cu(NH 3)4++, is usually sufficient proof of the presence of 
copper (see note under arsenic test, page 302 ). 

For traces of copper, the test with potassium ferrocyanide, 
K4Fe(CN)6, is more sensitive. To carry out this test, take a 
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small portion of the solution, make it slightly acid with H2SO4 
and add a few drops of dilute K4Fe(CN)6 solution. A reddish 
brown color due to Cu2Fe(CN)6 confirms the presence of copper. 
Care must be taken not to add an excess of the reagent, otherwise 
white Cd2Fe(CN)fl will form if cadmium is present. 

Detection of Cadmium. In the absence of copper, make the 
colorless filtrate from the bismuth separation faintly acid Avith 
dilute H2SO4 and pass in H2S. A yellow precipitate of CdS 
shows the presence of cadmium. 

If the precipitate is dark colored, owing to small amounts of HgS 
and PbS, boil the residue for several minutes with 1 ;4H2SO (. Only 
CdS will dissolve in this concentration of acid. Dilute the filtrate 
with about 50 ml. of water and reprecipitate the CdS with H2S. 

In the presence of copper, the use of KCN is resorted to, in 
order to test for cadmium. In carrying out this test use utmost 
care with KCN, since this reagent is a violent pcison. Cairy out the 
test under the hood. Proceed as follows: 

Add KCN to the deep blue solution until the color is discharged 
and the precipitate which first f.»rms dissolves in the exetess of 
reagent. Then saturate the solution with H2S. Ihider these* 
conditions copper does not precipitate but cadmium does as 
yellow CdS. If this sulfide precipitate is dark colored, treat it 
with 3 ml. of 1 :4 H2SO4, filter, dilute the filtrate to about 50 ml. 
and pass in H2S. A yellow precipitate shows the preseaKie of 
cadmium. See the preliminary exj^eriments with KC'N (page 
144) for an explanation of the above test for cadmitim in the 
presence of copper. 

Analysis of Division B — The Tin Subgroup. The filtrate fj om 
the ammonium polysulfide treatment may contain arsenic! us 
AsS 4“, antimony as SbS4® and tin as SnSg^, together with an 
excess of (NH4)2S2. 

Add enough dilute HCl to just acidify the solution. Avoid an 
excess, because SnS2 is somewhat soluble in dilute acid. AS2S5, 
Sb2S5 and SnS2 will precipitate if these metals are present. Traces 
of CuS or HgS may give the precipitate a dark color. A yellow, 
turbid solution may be due to colloidal sulfur. 

Filter and wash the precipitate, discarding the filtrate. 
Reparation and Detection of Arsenic. Transfer the precipitate 
to a 100-ml. beaker, add 10 ml. of concentrated HCl and bring the 
mixture almost to boiling, stirring it vigorously for several min- 
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utes. AS2S5 is relatively insoluble in concentrated HCl whereas 
Sb2S6 and SnS2 readily dissolve. Do not allow the solution to 
boil, as there is danger of dissolving AS2S5 with loss of volatile 
AsCla according to the reversible reaction; AS2S5 + lOHCl 
2ASCI5 + 5H2S. Some Sb2S5 may remain unOissolved and give 
an orange color to the residue but its presence will not interfere 
with the test for arsenic. 

Dilute with 5 ml. of water and filter. Reserve the filtrate for 
tests for antimony and tin. 

Treat the residue with 5 ml. of concentrated HNO3, warming 
until brown fumes are no longer evolved and only a residue of 
gummy sulfur remains. The HNO3 converts the AS2S5 into 
H3ASO4. Filter, divide the filtrate into three parts and to the 
first add 2 ml. of magnesia mixture (MgCl2, NH4OH and NH4CI). 
Make the solution strongly ammoniacal with concentrated 
NH4OH, shake and allow the solution to stand for some time. 
Before rejecting the test as negative, rub the sides of the test tube 
with a glass rod to hasten precipitation. A white, crystalline 
precipitate of MgNH4As04 shows the presence of arsenic. 

If, during the addition of magnesia mixture or in making the 
solution ammoniacal, the solution develops a deep blue color, the 
presence of copper is indicated. CuS is somewhat soluble in 
(NH4)2S2 and if only traces of copper are present in the sample, 
the copper test may have been missed (see page 300 ); in this 
case the presence of copper will be revealed here. 

To the second part of the arsenate solution, add NH4OH to 
neutralize the HNO3 ; then just acidify with HC2H3O2 and add dilute 
AgNOs. A chocolate brown color due to Ag3As04 shows arsenic. 
The acetic acid serves to neutralize the last traces of NH4OH 
which, if present, might form Ag20 and would dissolve Ag3As04. 

To the third portion reserved for the detection of arsenic, add 
2 ml. of ammonium molybdate and warm the mixture. If a 
yellow precipitate forms after standing for some time, arsenic is 
shown to be present. 

Detection of Antimony. Dilute the filtrate from the AS2S5 
separation to exactly 50 ml., heat almost to boiling and pa.ss in 
H2S for 10 minutes. If antimony is present an orange precip- 
itate of Sb2S3 will form. If precautions are not taken, SnS2 
may partially precipitate and traces of CuS and HgS may dis- 
color the precipitate. 
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To confirm the presence of antimony filter and dissolve the 
precipitate in 2 ml. of concentrated HCl, dilute and divide the 
solution into two approximately equal parts. 

To one portion add a few pieces of aluminum foil and warm. 
The black deposit is metallic antimony. Prove this still further 
by decanting off the solution and showing that the black deposit 
is insoluble in sodium hypochlorite, NaOCl. 

To 1 ml. of the other portion of antimony trichloride solution, 
add some crystals of KNO 2 in order to oxidize the antimony to 
the pentavalent state. After effervescence has ceased, add sev- 
eral drops of rhodamine-B reagent. The change in color from 
bright red to violet is due to the presence of antimony. 

Detection of Tin. Evaporate the filtrate from the removal of 
Sb 2 S 3 to 25 ml.; boil off the H 2 S. To part of this add an iron 
nail, evaporate to small volume and filter at once into a test tube 
containing HgCl 2 reagent. A white precipitate of Hg 2 Cl 2 turn- 
ing gray or black shows the presence of tin. In place of an iron 
nail, a short length of aluminum wire may be used, the solution 
made acidic with HCl, boiled to dissolve any metallic tin which 
may separate and then filtered into HgCl 2 solution. 

To another portion in a watch glass or small dish add a piece of 
metallic zinc. Place some cold water in a crucible and, with 
crucible tongs, immerse the bottom of the crucible in the .solu- 
tion being tested. Hold the crucible in' a flame, and observe the 
intense bluish color of the flame along the margin of the unglazed 
bottom of the crucible. 

Analysis of Group III 

The presence of phosphates, oxalates and tartrates or similar 
organic material will interfere with the detection of the cations 
of this group and Group IV. Accordingly, these anions must be 
tested, unless this has already been done by a complete anion 
analysis of another portion of the original sample. If found 
present, modifications must be made in the regular procedure to 
remove them or otherwise to overcome the interference. 

Therefore, carefully observe the following instructions: 

1. If the sample is a “ test solution unknown ” of members 
of this group only, or a general cation sample containing members 
of preceding and following groups or, in fact, any sample definitely 
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known not to contain phosphates, oxalates or tartrates, proceed 
directly with the “ Procedure — Absence of Interfering Anions.” 

2. If, on the other hand, these interfering anions are suspected 
of being present and are to be tested for, or the sample is sub- 
mitted for the express purpose of following the modified pro- 
cedure, use the “ Procedure — Presence of Interfering Anions.” 

Procedure — Absence of Interfering Anions 

The procedure outlined below applies only in the absence of 
phosphates, oxalates, tartrates and other interfering anions. 
Unless these substances are known to be absent or have already 
been tested for, they should be tested for by the methods given 
on page 308. 

The sample for analysis may be a mixture of this group only 
or it may be the filtrate from Group II. A colored solution will 
indicate the presence of nickel, cobalt, ferric iron or chromium; 
colorless solutions may contain manganese, ferrous iron, aluminum 
or zinc. If chromates, dichromates or permanganates are pres- 
ent in a general unknown, these anions will have been changed 
to green chromic or colorless manganous ions prior to or during 
the precipitation of Group II. 

Group Precipitation. Add about 2 grams of solid NH4CI, make 
the solution ammoniacal with dilute NH4OH and then add an 
excess of 2 ml. of concentrated NH4OH. Heat the solution 
almost to boiling and pass into it a stream of H 2 S. A precipitate 
will form if members of this group are present; otherwise, treat 
the solution as described below and then pass on directly to the 
procedure for Group IV as directed on page 312. 

Filter a small portion and test the filtrate with H 2 S for com- 
plete precipitation. When precipitation is complete filter through 
a fluted filter by means of which a more rapid filtration is pos- 
sible. Wash the precipitated sulfides and hydroxides with hot 
water containing a small quantity of NH4CI. If the filtrate is to 
be analyzed for Groups IV and V, acidify it at once with dilute 
acetic acid, boil to expel H 2 S, filter if not clear and set aside in a 
stoppered Erlenmeyer. 

The addition of NH4CI to the solution before precipitation is 
important for several reasons. It (1) prevents the precipitation 
of magnesium as Mg(OH )2 in this group; (2) it decreases the 
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solubility of Al(OH )3 and Cr(OH) 3 , and (3) it lessens the tend- 
ency toward the formation of colloidal sulfides. 

The net effect of the group reagent is to precipitate NiS, CoS, 
MnS, FeS, FeaSg, ZnS, Al(OH )3 and Cr(OH) 3 , the last two by 
hydrolysis. MnS undergoes partial oxidation, resulting in a mix- 
ture of somewhat indefinite composition consisting of MnS, 
MnO(OH )2 and Mn 203 . 

From the color of the solution before precipitation and the 
color of the group precipitate, draw inferences as to the presence 
and absence of certain, members. 

Separation of NiS and CoS. Transfer the washed group pre- 
cipitate to a beaker or evaporating dish and treat it with 50 ml. of 
1:9 HCl (1 part of concentrated HCl to 9 parts of water), stir 
and allow to settle. Do ■not heat. HCl of this strength will 
quickly dissolve all except NiS and CoS. The rate of dissolving 
of NiS and CoS is sufficiently slow to make the sei)aration com- 
plete enough for practical purposes. 

Filter off the residue find begin the evaporation of the filtrate, 
in a large evaporating dish, for the detection of other members of 
this group. The residue may consist of NiS, CoS or dark-colored, 
gummy sulfur. Make a preliminary test for nickel and cobalt 
with a borax bead. A blue bead shows cobalt, a reddish brown 
bead shows nickel. Since small amounts of cobalt may not be 
detected when present with large amounts of nickel in the bead, 
better identifying tests must be made. 

Dissolve the residue in a few milliliters of atjua regia and evap- 
orate to a small volume, being careful not to carry the evaporation 
to dryness. Dilute with a few milliliters of dilute HCl and filter 
to remove the black sulfur. Add NaOH dropwise until a per- 
manent precipitate forms. Dissolve this in dilute acetic acid, 
adding a slight excess. 

Detection of Nickel. To a small portion of this solution, made 
slightly ammoniacal with NH4OH, add 1 ml. of dimethylglyoxime. 
A heavy red precipitate of nickel dimethylglyoxime shows nickel. 
This test will verify the borax bead test. 

Detection of Cobalt. To another portion of the solution add a 
little dilute HCl, warm and then add 1 ml. of a-nitroso-^naphthol 
reagent. A reddish precipitate of cobalti-nitroso-/3-naphthol, 
Co(CioH 6 NOO) 3 , shows cobalt. 

If this reagent is not available use the cobaltinitrite test. This 
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is carried out as follows: To a portion of the solution, acid with 
acetic acid, add solid KCl until saturated and then an equal vol- 
ume of 50 per cent KNO2 solution. After an hour or more a yel- 
low precipitate of potassium cobaltinitrite, K3Co(N02)6, will form. 

Separation of Manganese and Iron. The filtrate from the separa- 
tion of NiS and CoS may contain Mn++, Fe++, A1+++, Cr+++, 
Zn++ and excess HCl. Evaporate the solution to a few milli- 
liters in a large evaporating dish in order to remove excess HCl, 
dilute to about 100 ml. with water and then make strongly alkaline 
with an excess of strong NaOH solution. Without filtering add 
cautiously 2 grams of Na202 and boil the solution for a few minutes 
while stirring constantly. Partly neutralize the solution with dilute 
HNO3, filter and wash the precipitate, if one forms, with hot water. 
Reserve the filtrate for tests for aluminum, chromium and zinc. 

Detection of Manganese. A brown precipitate may be either 
MnO(OH)2 or Fe(OH)3 or both. Dissolve a small amount of 
this brown precipitate in 5 ml. of concentrated HNO3, adding a 
few drops of H2O2 to hasten the dissolving. To the solution add 
a small quantity of NaBi03, shake and allow the suspended 
solids to settle. A pink supernatant liquid, due to the formation 
of permanganate ions, shows the presence of manganese. 

A bead test will further confirm the presence of manganese. 
In the loop of a platinum wire fuse some Na2C03, touch it to the 
brown precipitate, and then dip it into powdered KCIO3 and heat. 
A green or greenish blue bead, due to sodium manganate, 
Na2Mn04, proves the presence of manganese. 

iDetection of Iron. T ake a small portion of the brown precipitate, 
dissolve it in dilute HCl, boil, cool and add a few drops of potassium 
ferrocyanide, K4Fe(CN)e. A heavy blue precipitate, Prussian 
blue, Fe4[Fe(CN)6]3, proves the presence of iron. Avoid an 
excess of K4Fe(CN)6 because the precipitate is soluble in an 
excess of the reagent. A light blue, slight precipitate may be 
due to mere traces of iron and should not be reported. 

An extremely delicate test for traces of iron is the reddish color 
imparted to feme solutions by KCNS. This test should not be 
used here since enough iron is usually present as an impurity in 
the reagents to give this reaction. 

Separation and Detection of Aluminum. The filtrate from the 
Na0H-Na202 treatment may contain A102~, Cr04” and Zn02” 
ions together with excess NaOH. Neutralize the alkali with dilute 
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HNO3, add a little NH4CI to prevent the precipitation of Zn(OH)2 
and then render the solution slightly ammoniacal with NH4OH. 
The solution should have only faint odor of ammonia; too large 
an excess renders the Al(OH)3 appreciably soluble; boil to remove 
the excess if too much has been added. Filter. 

If a white precipitate forms, aluminum is probably present. 
Remove most of the gelatinous precipitate to a test tube, dissolve 
it with dilute HCl, add 3 ml. of ammonium acetate solution and 
5 ml. of “ Aluminon ” reagent. Mix thoroughly and then make 
the solution alkaline with dilute NH4OH. The bright red color 
of the precipitated Al(OH)3 identifies aluminum. 

The formation of Thenard’s blue as a test for aluminum may 
also be carried out. Proceed as follows: Tear off a portion of the 
filter paper which is coated with the precipitate, hold it in the 
loop of a platinum wire, moisten with a few drops of dilute 
Co(N 03)2 and ignite. A blue color in the charred paper, due to a 
double oxide, C0O AI2O3, known as Thenard’s blue, shows the 
presenee of aluminum. If the Co (N 03)2 solution is too strong 
black cobalt oxide may result. 

Silicic acid, Ii2Si03, resembles Al(OH)3 in appearance. It is 
derived from the glass vessels and may precipitate at this point. 
It may be distinguished from Al(OH)3 by evaporating the solu- 
tion to dryness and then treating the residue with HCl which, if 
it is Si02, will remain insoluble. 

Detection of Chromium. The filtrate from the A1 (OH)3 separa- 
tion may contain Cr04“ and Zn(NH3)4++ ions. Acidify the 
solution with dilute HC2H3O2, add 1 gram of NaC2H302, heat to 
boiling and while hot add dropwise BaCl2 reagent. If a yellow 
precipitate forms allow it to settle and then filter through two 
thicknesses of filter paper. Set aside the filtrate for the detection 
of zinc. 

Dissolve the BaCr04 on the filter paper in dilute HNO3, using 
warm acid if necessary. Add the filtrate to a test tube containing 
1 ml. of ether and 1 ml. of 3 per cent H2O2. If chromium is pres- 
ent the ether layer will be blue. The blue color is due to a per- 
chromic acid of indefinite composition, and becomes very pro- 
nounced in the ether layer. 

Detection of Zinc. Zinc in the form of ionized Zn (C2H302)2 may 
be present in the filtrate from the BaCr04 separation. Pass H2S 
into this filtrate. A white precipitate is ZnS and shows the pres- 
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ence of zinc. If the precipitate is dark colored, indicating traces 
of FeS, NiS or CoS, add a little HCl, filter and then add Na202 
to the filtrate. Filter off and discard the precipitate which forms. 
ZnS can then be precipitated from the filtrate. 

Zinc can best be identified by means of the dye, Orange IV, as 
described on page 190. Proceed as follows: Dissolve a portion of 
the ZnS precipitate in dilute H2SO4. To a drop of the dyestuff 
reagent on a watch glass or spot plate, add a drop of dilute 1:24 
H2SO4 and then 3 to 5 drops of freshly prepared K3Fe(CN)fl 
solution. This will produce a red color. Then add a drop of two 
of the zinc solution ; the green color shows the presence of zinc. 

ZnS can be further identified by a test similar to that for alumi- 
num. Coat a portion of the filter paper with the white precipitate, 
moisten with Co(N03)2, hold in a platinum wire and strongly 
ignite. A green color on the charred paper, a mixture of CoO and 
ZnO, proves the presence of zinc. Specially prepared test paper 
may also be used here. 

Procedure — Presence of Interfering Anions 

Oxalates interfere with the analysis of the cations because 
CaC204, SrC204 and BaC204 are insoluble in an ammoniacal so- 
lution. Consequently, if any of these alkaline earth elements are 
present, together with oxalate ions, when the solution is made 
ammoniacal in Group III, the oxalates of calcium, barium and 
strontium will be precipitated along with the sulfides and hydrox- 
ides of Group III and subsequently will not be found in Group 
IV. It therefore becomes necessary to test for oxalates and, if 
present, to remove them before the analysis of Group. Ill is begun. 

Tartrates and certain types of organic materials like sug4r and 
starch interfere with Group III analysis because they hinder the 
precipitation of Al(OH)3 and Cr(OH)3. They, too, must be 
tested for and removed before the analysis of Group III is begun. 

Phosphates interfere with the cation analysis because the phos- 
phates of the alkaline earths, which are insoluble in basic or neu- 
tral solutions, will be precipitated along with Group III when the 
solution is made ammoniacal during the addition of Groqp III 
reagent, and consequently calcium, barium and strontium as well 
as magnesium will not be found in their regular places in Group IV 
and Group V. 
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Phosphates must therefore be tested for before Group III analy- 
sis is begun and the usual scheme modified to overcome their 
interference. 


Procedure in the Presence of Oxalates and Tartrates 

Test for oxalates as follows; Boil a small portion of the filtrate 
from Group II to expel H2S and add an excess of Na2C03. Filter 
if necessary. Make the filtrate slightly acid with acetic acid, boil 
and then add an equal volume of saturated CaS04 solution. If 
oxalates are present a white precipitate of CaC20.t will form. 

Test for tartrates, sugar and similar organic material by heating 
a small portion of the dry sample with concentrated II2SO4. A 
charring or blackening of the residue and the odor of burnt sugar 
show the presence of organic material. 

If the tests show the presence of these substances, evaporate 
the filtrate from Group II to dryne.ss, add 5 ml. of concentrated 
H2SO4 and heat until the mass chars. Then add 5 ml. of (;oncen- 
trated HNO3 and heat until SO3 fumes are evolved. Repeat the 
nitric acid treatment until the resulting solution is prac.tically 
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Residue: 
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according 
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IV proce- 
dure. 
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according to regular 
procedures for Groups III 
and V. 
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clear. During this treatment BaS04, SrS04, CaS04 and possibly 
Cra (804)3 will be formed as an insoluble residue. Cool the solu- 
tion, dilute with water and filter. The filtrate will be Group III 
and Group V and the residue will consist of the sulfates of 
Group IV. 

Analyze the filtrate for members of Group III, according to the 
regular procedure already given under the Ammonium Sulfide 
Group (page 304), and pass on to Group V (page 313). 

Boil'the residue with 5 grams of NaaCOs in 25 ml. of water, filter, 
wash the residue and dissolve it with dilute HCl. Analyze the 
filtrate for chromium (if green) and for barium, calcium and 
strontium according to the procedure for the Ammonium Car- 
bonate Group, page 312. 

( 

Procedure in the Presence of Phosphates 

The removal of phosphates is based on the fact that in weak 
acetic acid, reP04, AIPO4 and CrP04 are insoluble, whereas 
Ca3(P04)2, Ba3(P04)2 and Sr3(P04)2 are soluble. If, therefore, 
the phosphate ions are precipitated with the trivalent ions, Al+'''‘^, 
Cr+++ and Fe''^+, the alkaline earth cations will remain in the 
filtrate and can be detected in their regular places in Group IV. 
The quantity of phosphate present in the sample may be in excess 
of the trivalent metals present; therefore in order to insure com- 
plete precipitation of the phosphate, Fe+++ ions in the form of 
FeCls are added in excess. 

The detailed procedure is as follows: Test for phosphates by 
taking a few milliliters of the filtrate from Group II; boil to 
remove H2S, add a few drops of concentrated HNO3, evaporate 
nearly to dr3mess, take up with 5 ml. of dilute HNO3, warm and 
add ammonium molybdate. If phosphates are present a yellow 
precipitate of ammonium phosphomolybdate, (NH4 )3P04- I2M0O3, 
will form. 

If phosphates are thus shown to be present, the next step is to 
test for ferric iron. Treat a few milliliters of the filtrate from 
Group II with a few drops of concentrated HNO3 to oxidize the 
iron to the ferric state and then add a few drops of K4Fe(CN)6. 
A blue precipitate of Pnissian blue, Fe4[Fe(CN)6]3, shows the 
presence of iron. This test for iron is necessary at this point 
because FeCls is later added to precipitate completely the phos- 
phate. 
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Boil the filtrate from Group II to remove H2S, make it just 
ammoniacal with NH4OH and then add, dropwise, enough dilute 
HCl to make the solution slightly acid. Add 7 to 8 grams of 
NH4C2H3O2 and 10 ml. of 50 per cent HC2H3O2. If sufficient 
iron is present to precipitate all of the phosphate as FeP04 and 
still leave the solution red, thei’e will be an excess; otherwise add 
enough FeCls solution, dropwise, until the solution turns red. 
The red color is due to Fe (0211302)3. Dilute the solution to about 
100 ml. and heat to boiling. The boiling will precipitate the ex- 
cess iron as basic ferric acetate, Fc (OH )2C2H302. 

The precipitate may consist of FeP04, AIPO4, CrP04, and 
Fe(0H)2C2H302 and all the phosphate will have been removed 
from solution. 

Analyze the filtrate for Groups III, IV and V according to the 
schemes given under cation analysis, omitting the tests for Al, Or 
and Fe which are now in the precipitate obtained above. Test 
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for A1 and Cr by adding water and a little Na202 to the precipi- 
tate, boil, filter off Fe(OH)3 and test the filtrate for aluminum and 
chromium by the usual methods. 

Analysis of Group IV 

Group Precipitation. To the filtrate from Group III or 25 ml. 
of the test solution sample, add NH4OH until slightly ammoniacal, 
heat almost to boiling and then add a small amount of (NH4)2C03 
reagent. If a precipitate forms, this group is present and in this 
case continue the addition of the reagent until precipitation is 
complete; otherwise pass on to Group V. The precipitate may 
contain BaCOs, SrCOs or CaCOs or possibly mixtures of these 
three substances. 

Allow the precipitate to settle, filter it off and wash with hot 
water. Reserve the filtrate for the detection of magnesium, 
potassium and sodium. Dissolve the precipitate on the filter with 
hot, dilute HC2H3O2, using several 3-ml. portions of the solvent. 

Detection of Barium. Dilute the acetate solution to 50 ml. 
Take a few milliliters of this and make a preliminary te.st for 
barium by adding a few drops of K2Cr04 reagent. A yellow pre- 
cipitate of BaCr04 indicates the presence of barium. 

If barium is thus shown to be present heat the remainder of the 
solution to boiling and add NaC2H302 and then K2Cr04 reagent 
until the solution turns yellow, showing that an excess of pre- 
cipitating agent is present. Allow the precipitate of BaCr04 to 
settle, decant the supernatant solution through a filter and finally 
transfer the precipitate to the filter, washing with hot water. 
Reserve the filtrate for the tests for strontium and calcium. 

This separation of barium from strontium and calcium is not 
sharp because, if strontium is present and its concentration is very 
high, some yellow SrCr04 may precipitate. Since SrCr04 may 
be mistaken for BaCr04 the presence of barium must be confirmed 
by the flame test. 

Dissolve the BaCr04 on the filter with strong HCl and boil the 
resulting solution until reduction of the chromate .to chromic ion 
is complete as shown by the green color imparted to the solution. 
Test for barium b.y dipping a platinum wire into the solution and 
then holding it in the flame. A Fisher or Meker burner is better 
for this test because it gives a hotter flame than a Bunsen burner. 
A green color in the flame confirms the presence of barium. 
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If barium is absent omit the next step and proceed with the 
preliminary test for strontium. 

Reprecipitation of Calciiun and Strontitun. To the filtrate from 
the BaCr04 separation, add NaOH until alkaline, heat and then 
add Na2C03. A precipitate indicates the presence of strontium 
Dr calcium, or both. This reprecipitation gets rid of the excess of 
chromate ions. Filter off the reprecipitated CaCOa and SrCOa, 
washing until the filtrate is no longer yellow, 
and-d i s sol v e- ^e -^precipitalesJlnJ^ djluts M.^tic . acid and dilui: 

to 50 ml. with -wftter. 

Prelin^ary Test for Strontium. To a small portion of the ace- 
tate solution, add 1 ml. of a saturated solution of CaS04, heat and 
allow to stand for several minutes. If a precipitate forms or the 
solution becomes turbid, strontium is present. 

Saturated CaS04 solution is used here because the concentration of 
3O4" ions is low and.Ca++ ions will not precipitate in such a solution. 
If this test shows the absence of strontium, omit the next step. 

Detection of Strontium, In the presence of strontium, add to 
the main portion of the acetate solution 5 ml. of (NH4)2S04 
solution, warm, allow to stand a few minutes and then filter. 

The precipitate may not be pure SrS04. Any barium which 
failed to be precipitated as BaCr04 will appear here as BaS04. 
With high concentrations of calcium, CaS04 may also be pre- 
cipitated. The presence of strontium is confirmed by the flame 
best, the color for strontium being deep red. This test is best 
made by moistening the precipitate with HCl, and picking up some 
Df the solid with the platinum wire and heating it in the flame. 

Detection of Calcium. To the filtrate from the strontium sepa- 
ration, add some ammonium oxalate, (NH4)2C204, solution. A 
svhite precipitate will be due to CaC204. This precipitate .shows 
the presence of calcium. 

Filter off the precipitate and pour acetic acid through the filter, 
[f it is CaC204, it will not dissolve. 

Confirm the presence of calcium by the flame test. Calcium, if 
present, will color the flame a yellowish red. 

Analysis of Group V 

The solution may be the filtrate from Group IV or it may be an 
unknown on this group only. In either case, use separate portions 
for the tests for magnesium, potassium and sodium. 
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Detection of Magnesium. To a separate small portion, about 
10 ml., of the solution add a few drops of (NH4)2S04 and 
(NH4)2C204 to remove traces of the alkaline earth ions which 
failed to be precipitated in Group IV. Filter and discard the 
precipitate. Evaporate the filtrate to about 5 ml., filtering off 
any solid NH4CI which may separate, add NH4OH until ammoni- 
acal and then 2 ml. of Na2HP04. A white crystalline precipitate 
of MgNH4P04 will settle out after standing several minutes if 
*nagnesium is present. To confirm the precipitate as MgNH4P04, 
dissolve it in dilute HC2H3O2 and render the filtrate ammoniacal ; 
MgNH4P04 will be reprecipitated. 

To confirm the presence of magnesium, take another portion of 
the solution, neutralize it if necessary, and add 1 ml. of the para- 
nitrobenzene-azo-resorcinol test reagent. A deep blue color con- 
firms the presence of magnesium. 

Detection of Potassium. To another portion of the sample or 
the filtrate from Group IV, add about 5 ml. of concentrated HNO3 
and evaporate to small bulk in a large evaporating dish. Transfer 
the concentrated solution to a smaller dish and evaporate to dry- 
ness. Ignite the residue below a dull red heat until fumes are no 
longer given off. This procedure is necessary in order to decom- 
pose and volatilize ammonium salts. 

Take up some of the residue with a few milliliters of water, 
slightly acidified with acetic acid, and filter. To the filtrate add 
1 ml. of Na3Co(N02)6, warm and allow to stand. Yellow 
K2NaCo(N02)6 will precipitate if potassium Ls present. 

Test a small portion of the baked residue by the flame test; a 
violet-colored flame indicates potassium. If the flame is yellow, 
view it through a thick cobalt glass ; a violet color observed through 
the glass shows the presence of potassium. 

Detection of Sodium. To a drop or two of the test mixture, 
add 8 to 12 drops of zinc uranyl acetate reagent. In the course 
of 5 minutes or so, the triple salt, NaC2H302 Zn(C2H302)2' 
3(U02)2C2H302'6H20, sodium zinc uranyl acetate will form as a 
pale yellow precipitate. 

A yellow-colored flame obtained in the flame test for potassium 
is due to sodium. If the flame is a brilliant yellow and persists 
for some time sodium in appreciable quantities is present. A dull 
yellow which quickly fades out is due to traces of sodium and 
should not be reported. 
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Detection of Ammonium. The test for the NH4''* ion must be 
made on samples before ammonium salts are added as reagents. 
To a portion of the sample in a small beaker add a strong solution 
of NaOH. Cover the beaker with a watch glass to the bottom of 
which is attached a piece of moist, red litmus paper. Warm the 
mixture. Be careful that no liquid splashes up and touches the 
test paper. If the test paper turns blue and the odor of ammonia 
can be detected, ammonium salts are present. 

Systematic Analysis of the Acid-Insoluble Residue 

Note: For the analysis of the insoluble residue from samples 
of a more complex nature, which may contain a greater variety 
of insoluble constituents than likely to be found in the samples of 
the simple type under consideration, the analyst is referred to the 
methods given under the analysis of minerals, ores and technical 
products, page 318 . 

Treatment of solid unknowns of the type under consideration 
with acids to get the sample into solution may leave a solid in- 
soluble even in aqua regia. Such insoluble compounds may have 
been a part of the original mixture or may have been produced by 
interaction of dissolved constituents or by reaction with the acids 
used as solvents. An inspection of the solubility table shows that 
comparatively few substances resist the action of hot concen- 
trated HNO3. The list includes BaS04, SrS04, (CaS04), PbS04; 
the halides of silver and possibly lead and mercurous mercury; 
the sulfides of mercury; the cyanogen compounds of silver and 
certain other metals; gelatinous silicic acid from decomposable 
silicates; oxides of tin and antimony. Free sulfur may result from 
the action of nitric acid on sulfides and black specks of carbon may 
be derived from organic matter. 

The action of aqua regia, following that of nitric acid, will dis- 
solve the oxides of antimony and tin, Hg2S and HgS, and transpose, 
at least partially, the silver halides and complex cyanogen salts 
into AgCl. 

The residue may then consist of the following substances: 
PbS04, (PbCla) 

AgCl, (AgBr, Agl, AgCN, AgCNS, Ag3Fe(CN)6, Ag4Fe(CN)fl) 

BaS 04 , SrS04, (CaS04) 

H2Si03, (Si02, silicates) 

Sulfur, carbon 
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Proceed with the systematic analysis of this residue as follows : 

1 . Digest a portion of residue with hot NH 4 C 2 H 3 O 2 solution to 
dissolve any PbCl 2 and PbS 04 which may be present. Examine 
the filtrate for Pb++, CP and SO4” ions. 

2. Treat a portion of the residue with NH4OH. This will dis- 
solve AgCl and some AgBr, and silver can thus be tested for in 
the filtrate by acidifying it with HNO3. 

3. Roast a portion of the residue in an open dish if particles of 
black carbon or yellow sulfur are visible. These will be oxidized 
and removed as CO 2 and SO 2 . 

4. Mix the roasted residue with 10 times its weight of an equal 
mixture of Na 2 C 03 and K 2 CO 3 in a porcelain crucible and heat 
over a blast lamp or Meker burner until the fused mass becomes a 
clear melt. Place the cool crucible in a beaker, cover with water, 
and boil. Crush the residue with a stirring rod. Filter and wash 
the residue. Test for sulfates in the filtrate by acidifying with 
HCl and adding BaCl 2 ; a white precipitate of BaS 04 proves the 
presence of SO4. Dissolve a portion of the washed residue with 
dilute HCl and test for the alkaline earth ions in the resulting 
solution. Add HNO3 to another portion of the residue, if dark 
colored, to dissolve metallic silver and test for silver in the filtrate. 

5. Test a portion of the dry residue for Si02 by the metaphos- 
phate bead test. 

SYSTEMATIC ANALYSIS OF ALLOYS 

The alloys given out for analysis are brasses, bronzes, solders, 
bearing metals, type metals and steels. Alloys are classified as 
ferrous or non-ferrous according to whether they consist mainly of 
iron or a mixture of other metals; i.e., the various kinds of iron 
and steels are ferrous alloys whereas other metals predominate in 
non-ferrous alloys. Common carbon steels contain, besides iron, 
fractional percentages of carbon, phosphorus, silicon, sulfur and 
manganese. Alloy steels may contain, in addition to these ele- 
ments, small percentages of chromium, nickel, tungsten, vanadium, 
molybdenum or other metals. The composition of some common 
non-ferrous alloys is given in Table XV, with the chief constit- 
uents in the order of their predominance. 

In the systematic analysis of alloys, the metals of Groups I, 
II and III as well as magnesium should be looked for. Among the 
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anions only sulfides and sulfates, phosphates and arsenates and 
silica need be tested for. 


TABLE XV 
Composition op Alloys 


Bronzes 

Brasses 

Solders 

Solders 

Auto bearing metals 
Pewter 
Type metals 
German silver 


Cu, Sn, Zn, Pb 
Cu, Zn, Sn, Pb 
Bi, Sn, Pb 
Zn, Cu, Sn 
Sn, Sb, Cu 
Sn, Sb, Cu, Pb, Zn 
Pb, Sb, Sn 
Cu, Zn, Ni 


Procedure for Dissolving the Alloy. Take about a half-gram 
of the sample in the form of turnings, drillings or chips and treat 
with about 10 ml. of dilute HNO3. Heat until brown fumes are no 
longer given off. Add more acid if more appears necessary to 
dissolve the sample. In general, HNO3 is a better solvent for 
most metals and alloys than HCl. HNO3 will oxidize sulfides to 
H2SO4, phosphides to H3PO4 and arsenic to H3ASO4. Compounds 
of silicon will become silicic acid and will precipitate as gelatinous 
H2Si03. Tin, antimony and possibly bismuth will be precipitated 
as metastannic acid, H2Sn03, antimony oxide, Sb205, and possibly 
Bi203. Carbon will remain as black specks of graphite. Some 
metals like iron, aluminum and chromium become “ passive ” in 
strong HNO3 and dissolve very slowly. 

If a white precipitate forms on treatment with HNO3, indicating 
tin or antimony, or if the sample appears to be unchanged by 
HNO3, decant the solution, saving it for analysis, and replace the 
HNO3 by moderately strong HCl, heating the solution almost to 
boiling. If this fails to effect complete solution of the metallic 
portions, use aqua regia. Dilute and filter. Combine the fil- 
trates. If silver or lead is present in the alloy the addition of HCl 
will precipitate AgCl and PbC^. The compounds of tin, antimony 
and bismuth will dissolve in HCl. 

Analysis of the Combined Filtrate for Cations. Take a 25-ml. 
portion of the combined filtrate, evaporate it to dryness in a small 
evaporating dish and heat the residue until it becomes powdery. 
Take it up with a few milliliters of dilute HNO 3 , dilute to 25 milli- 
liters and filter if necessary. Use this filtrate for the analysis of the 
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cations, remembering that if HCl or aqua regia was used as the 
solvent for the alloy, Group I cations will have been precipitated. 
Follow the procedures as given, omitting the tests for the alkaline 
earths and the alkali metals. If phosphides are likely to be present 
follow the modification for the removal of phosphates to avoid 
difficulty in testing for magnesium. 

Analysis of the Insoluble Residue. The residue may consist of 
Si02 or H2Si03, PbCl2, AgCl, specks of black carbon or yellowish 
sulfur or traces of undissolved metals. Test a portion of the resi- 
due for silicates by the metaphosphate bead test. Examine another 
portion for lead and silver by the regular method for these elements. 

Analysis for Anions. In a small portion of the combined filtrate, 
test for sulfates by first neutralizing with NH4OH, acidifying with 
HCl and adding BaCl2 solution. A white precipitate of BaS04 
indicates the original presence of sulfides in the alloy, the sulfide 
having been oxidized to sulfate by the nitric acid used in dissolving 
the sample. 

Phosphides may have originally been present and been oxidized 
to phosphates. The test for phosphates should therefore be made 
on the filtrate from cation Group II, using the (NH4)2Mo04 test. 

SYSTEMATIC ANALYSIS OF ORES, MINERALS 
AND TECHNICAL PRODUCTS 

The samples provided for this analysis may be natural sub- 
stances such as minerals or ores, or they may be industrial products 
such as glass, refractories and slags. This exercise is intended 
primarily to give practice in getting samples of this nature into 
solution, involving a pyrosulfate fusion in addition to a carbonate 
fusion. 

Use about 1 gram of the finely ground sample. Add 5 ml. of 
concentrated HNO3 and warm until the action becomes slow and 
brown fumes no longer come off. Decant the solution and add 
another 5 ml. of HNO3 to the residue. Heat, dilute and filter, 
combining the filtrate with the decanted solution. 

If a residue remains, try to dissolve it in aqua regia, diluting 
and filtering when action appeal's to be complete and combining 
the filtrate with the above solution. 

Take the residue insoluble in the above acids, dry and mix with 
it about 5 grams of potassium bisulfate, KHSO4. Place the mix- 



SPECIAL ANALYSIS OF SILICATES 


319 


ture in a porcelain crucible and heat over a blast lamp or large 
Meker burner \intil a clear fusion results. Allow the crucible to 
cool and then place it in a beaker and add water. Loosen the 
fused mass from the crucible and crush the lumps with a glass rod. 
Add dilute HCl then filter. 

The KHSO4 decomposes first into K2S2O7 and H2O and at higher 
temperatures in SO3 and K2SO4 : 


2KHSO4 = K2S2O7 + H2O 

K2S2O7 = K2SO4 + SO3 


Insoluble materials arc acted upon by the K2S2O7, converting 
them into more easily soluble compounds and causing silicates to 
be more easily decomposed by acids or subsequent fusion . Alkaline 
earth metals, lead and silver are changed into BaS04, SrS04, 
CaS04, PbS04 and Ag2S04. 

Unite the filtrate from this fusion with that obtained by the 
previous action with acids and analyze by the systematic procedure 
for cations. 

The residue remaining after this fusion, which may consist of 
the insoluble sulfates, silicates and unattacked portions of the 
sample, must be fused with Na2C03 to which a small amount of 
KNO3 is added. The procedure is like that described previously 
under “ Acid-Insoluble Residue,” page 315 . A platinum crucible 
is best for this fusion (provided metals like Pb, Ag, As and Sn are 
absent), because porcelain crucibles are attacked by fused NaaCOs 
and contaminate the sample with silica, calcium and aluminum. 

SPECIAL ANALYSIS OF SILICATES 

The abundance of silicates in minerals, rocks, clays and soils, 
as gangue in ores and as constituents of many artificial products, 
makes their analysis important enough to devote a section to their 
special consideration. 

Only the alkali silicates are soluble in water. Some silicates are 
decomposed by acids, rendering the silicate ion insoluble as gelat- 
inous silicic acid, H2Si03 or Si02 xH20, where the silica can be 
tested for by the metaphosphate bead test, and di.ssolving the metal 
constituents as chlorides or nitrates where they can be detected by 
the usual methods of cation analysis. Most silicates, however, 
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are not acted upon by mineral acids and require either a fusion or 
a treatment with hydrofluoric acid to render them soluble. 

Procedures for Silicate Analysis 

Take a 0.5-gram portion of the finely ground sample, mix it with 
5 grams of equal parts of Na2C03 and K2CO3 and a half-gram of 
KNO3 and place the mixture in a platinum crucible, unless easily 
reducible metals such as Sn, Sb, Bi, Ag and Pb are likely to be 
present, in which case a nickel or a porcelain crucible must be used. 
Heat the crucible over a blast lamp until the melt is clear and ceases 
bubbling. This action will convert the silicate into soluble sodium 
silicate and the metals into carbonates, oxides or other forms. 

Cool the crucible, place it in an evaporating dish and cover with 
dilute HCl. Remove the crucible, crush any lumps that may be 
present and evaporate the solution to dryness. Bake the residue 
to dehydrate the silicic acid, extract with hot HCl, dilute and filter 
off the Si02. Examine the residue by the metaphosphate bead 
test and test the filtrate for cations by the usual procedure. 

Alternate Method. Take a 0.5 sample, place it in a platinum cru- 
cible, add 10 ml. of HF acid and a few milliliters of concentrated 
H2SO4 and warm in the hood. Evaporate until dense Avhite fumes 
of SO3 appear. This treatment will decompose any silicate, evolv- 
ing the silicon as SiF4 and leaving the metals as sulfates. Extract 
with water, filter if necessary, and examine the filtrate for cations 
and the residue for such metals as barium, strontium and calcium. 

Of special interest in the analysis of silicates is the detection of 
potassium in minerals such as feldspar, because by geological 
weathering processes this potash became available as a valuable 
plant food. Potassium may be detected in the filtrate from the 
hydrofluoric acid treatment, but a better method is to apply a 
special fusion. This is known as the J. Lawrence Smith method 
and is carried out as follows : 

Mix a half-gram portion of the finely ground feldspar with an 
equal weight of NH4CI (alkali free) and about 5 grams of pure 
CaCOa. Place the mixture in a high, covered, platinum crucible 
and heat to a dull redness for at least half an hour. The action 
may be shown approximately by the equation : 

2KAlSi308 -f 6CaC03 -t- 2NH4CI = 2KC1 -f fiCaSiOs H- AI2O3 

+ H2O -f 2NH3 -f 6CO3 



ALTERNATE METHOD 


321 


although the effective fusion agent above is doubtless CaCl2 which 
is formed by the interaction of NH4CI with CaC 02 . 

Allow the crucible to cool, transfer it to an evaporating dish, 
boil, filter, remove the excess calcium with (NH4)2C03 and ex- 
amine the final filtrate for potassium. 




APPENDIX 

REAGENTS 

(A) LIQUID REAGENTS 

Acetic Acid, HC2H3O2, Dilute. Dilute 12.6 ml. of glacial acetic acid to 100 
ml. with water. 

Alcohol, Ethyl, C2H5OH, 95 per cent. (Test reagent for acetate.s.) 

Aluminon, Ci9H902(C00NH4)3, the ammonium salt of aurin-tri-carboxylic 
acid. A 0.1 per cent solution of the dye in water. (Test reagent for alu- 
minum.) 

Ammoniacal Silver Nitrate (Miller’s Reagent). Di.ssolve 1.7 grams of 
AgN03, 25.3 grams of KNO3, and 17 ml. of concentrated NH4OH in water and 
dilute to 1 liter. 

Ammonium Acetate, NH4C2H3O2. 250 grams per liter. 

Ammonium Carbonate, (NH4)2C03. Dissolve 100 grams in a mixture of 
100 ml. of concentrated NH4OH and 600 ml. of water. Dilute to 1 liter. 

Ammonium Hydroxide, NH4OH, Concentrated. The concentrated “ am- 
monia,” sp. gr. 0 . 90 , containing 28 per cent NH3 by weight. 

Ammonium Hydroxide, NH4OH, Dilute. 400 ml. of concentrated NH4OH 
diluted to 1 liter. 

Amm onium Iodide, NH4I. 150 grams per liter. 

Ammonium Molybdate, (NH4)2Mo04. To a mixture of 130 ml. of cold 
water and 75 ml. of concentrated NH4OH add 60 grams of M0O3 and stir 
until dissolved. Add this slowly with constant stirring to a mixture of 240 
ml. of concentrated HNO3 and 575 ml. of water. Allow to stand for several 
days and then decant the clear solution. (Test reagent for arsenates and 
phosphates.) 

Ammonium Nitrate, NH4NO3. 80 grams per liter. 

Amm onium Oxalate, (NH4)2C204. 35.0 grams (NH4)2C204’H20 per 

liter. 

Amm onium Polysulfide, (NH4)2S2. Pass H2S into 200 ml. of coneentrated 
NH4OH to which has been added 5 grams of sulfur. Then add 200 ml. of 
concentrated NH4OH, dilute to 1 liter and filter if necessary. 

Ammonium Sulfate, (NH4)2S04. 130 grams per liter. 

Aqua Regia. Mix 1 part of concentrated HNO3 with .3 parts of concentrated 
HCl. To be prepared by student when needed. 

Barium Acetate, Ba(C2H302)2* 

Barium Chloride, BaCl2. 120 grams of BaCl2’2H20 per liter. 

Barium Hydroxide, Ba (OH) 2. Saturated solution. To be kept in a large 
bottle provided with syphon tube and soda-lime tube. (Test reagent for car- 
bonates.) 
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Barium Nitrate, Ba(N 03 ) 2 . Dissolve 65 grams in one liter of water. (An* 
ion Group II reagent.) 

Calcium Nitrate, Ca(N 03 ) 2 * Dissolve 236 grams of Ca(N 03 ) 2 * 4 H 20 in 

1 liter of water. 

Calcium Sulfate, CaS 04 . Saturated solution. 

Carbon Tetrachloride, CCU, 

Chloroplatinic Acid, H 2 PtCl 6 . 10 per cent solution. To be kept in supply 
room or dispensed by instructor. 

Cobalt Nitrate, Co(N 03 ) 2 - 30 grams of Co (N 03 ) 2 ' 6 H 20 per liter. (Test 
reagent for aluminum and zinc.) 

Dimethylglyoxime (diacetyldioxime), C4H8N202* 10 grams dissolved in 1 

liter of 95 per cent alcohol. (Test reagent for nickel.) 

Ether, Ethyl, (C2Hb)20. 

Ferric Chloride, FeCla. 100 grams FeCl3*6H20 in 990 ml. of water acidi- 
fied with 10 ml. of concentrated HCl. 

Ferrous Sulfate, FeS 04 . 250 grams of FeS 04 * 7 H 20 or 392 grams 
FeS 04 (NH 4 ) 2 S 04 * 6 H 20 per liter. (Freshly prepared.) 

Hydrochloric Acid, HCl, Concentrated, C. P. reagent. 37 per cent HCl 
by weight; sp. gr., 1.19. 

Hydrochloric Acid, HCl, Dilute. Dilute the concentrated reagent with 2 
volumes of water. 

Hydrogen Peroxide, H 2 O 2 . 3 per cent commercial solution. 

Hydrogen Sulfide, H 2 S. May be prepared by the action of commercial 
HCl on FeS, in individual student generators (see Fales, hiorganic Quantitative 
Analysis, page 20), in Kipp generators or for large sections in larger generators 
(see Reedy, Elementary Qualitative Analysis, pages 131-134). It may also be 
made by heating a specially prepared mixture of paraffin wax and sulfur, sold 
under the trade name of Aitchtuess.'' The compressed gas may also be 
purchased in cylinders. 

Iodine, I 2 . Dissolve 1.27 grams in 1 liter of water. 

Magnesia Mixture. Dissolve 100 grams of MgCl 2 - 6 H 20 and 100 grams 
NH4CI u\ water, add 50 ml. of concentrated NH 4 OH and dilute to 1 liter. 

Mercuric Chloride, HgC^. 50 grams HgCl 2 per liter. 

Nitric Acid, HNO 3 , Concentrated. C. P. reagent, 70 per cent HNO3 by 
weight; sp. gr., 1.42. 

Nitric Acid, HNO 3 , Dilute. Dilute 1 part of the concentrated reagent with 

2 parts of water. 

^Nitrobenzene-Azo-Resorcinol, Ci 2 H 9 N 304 * Dissolve 0.01 gram of the 
substance in 1 liter of 2 Af NaOH. (Test reagent for magnesium.) 

a-Nitroso-/3-Naphthol, CioH60H(NO). Saturated solution in 50 per cent 
acetic acid. (Test reagent for cobalt.) 

Orange IV. Dissolve 0.01 gram of Tropeolin 00 in 100 ml. of water. (Test 
reagent for zinc.) 

Potassium Chromate, K 2 Cr 04 - 97 grams per liter. 

Potassium Cyanide, KCN. 65 grams per liter. 

Potassiiim Ferricyanide, K 3 Fe(CN) 6 . 100 grams per liter. 

Potassium Ferrocyanide, K 4 Fe(CN) 3 . 106 grams per liter. 

Potassium Iodide, ELI. 166 grams per liter. 
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Potassitim Permanganate, KMn 04 . 16 grams per liter. 

Potassium Thiocyanate, KCNS. 100 grams per liter. 

Rhodamine B. Dissolve 0.01 gram in 100 ml. of water. Reagent to be dis- 
pensed by instructor. (Test reagent for antimony.) 

Silver Acetates, AgC 2 H 302 . Saturated solution. 

Silver Nitrate, AgNOs. 50 grams per liter. 

Sodium Acetate, NaC 2 H 302 . 400 . grams per liter. 

Sodium Carbonate, Na 2 C 03 . Molar solution. 

Sodium Cobaltinitrite, NasCo (N02> e. Dissolve 100 grams of NaN02 in 300 
ml. of water, add 10 ml. of acetic acid and 10 grams of Co(N 03 )o/ 6 H 20 . Al- 
low to stand a day and filler if necessary. Fresh reagent must be prepared 
frequently, since it is somewhat unstable. 

Sodium Hydrogen Phosphate, Na 2 HP 04 . 120 grams Na 2 HP 04 * 12 H 20 
per liter. 

Sodium Hydroxide, NaOH. 4 M solution. 

Sodiiun Hypochlorite, NaOCl. Use a solution of bleaching powder. 

Sodium Nitroprusside, Na 2 FeNO(CN) 6 . 10 per cent solution. 

Sodium Stannite, Na2Sn02. To be prepared by student as needed by add- 
ing strong NaOH solution to stannous chloride solution (as prepared below) 
until the precipitate first formed redissolves. 

Stannous Chloride, SnCl 2 . 115 grams of SnCl2*2H20 in 170 ml. of con- 
centrated HCl and diluted to 1 liter. Add a few pieces of tin foil to prevent 
oxidation of the reagent. 

Starch Solution, 

Sulfuric Acid, H 2 SO 4 , Concentrated. C. P. reagent, 95 per cent; sp. gr., 
1.84. 

Sulfmic Acid, H2SO4, Concentrated, Commercial, impure, for making 
cleaning mixture. 

Sulfuric Acid, H2SO4, Dilute, Pour one part of concentrated H 2 HO 4 (C.P.) 
slowly and with constant stirring into 4 parts of water. 

Zinc Nitrate, Zn(N 03 ) 2 - Dissolve 149 grams of Zn(N 03 ) 2 * 6 H 20 and 
make up to 1 liter. (Anion Group III reagent.) 

Zinc Uranyl Acetate. Dissolve 10 grams of uranyl acetate in 6 grams of 30 
per cent acetic acid, warming, if necessary, and dilute to 50 ml. In a separate 
vessel mix 30 grams of zinc acetate with 3 grams of 30 per cent acetic acid and 
dilute to 50 ml. Mix these two solutions, add a pinch of NaCl, allow to stand 
24 hours and then filter. (Test reagent for sodium.) 

(B) SOLID REAGENTS 
(Used in rather large quantities) 

Aluminum (turnings, wire or foil). 

Ammonium acetate, NH 4 C 2 H 3 O 2 * 

Ammonium chloride, NH4CI. 

Ammonium nitrate, NH 4 NO 3 . 

Borax, Na2B4O7*10H2O. 

Ferrous sulfate, FeS 04 ’ 7 H 20 . 

Fusion mixture (Na 2 C 03 + K 2 CO 3 )* 
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Iron nails. 

Lead acetate test paper, Pb (€211302)2. 

Litmus paper (red and blue). 

Magnesium powder. 

Paraffin wax. 

Potassium acid sulfate, KHSO4. 

Potassium chlorate, KCIO3. 

Potassium nitrite, KNO2. 

Sodium acetate, NaC2H302. 

Sodium bismuthate, NaBiOs. 

Sodium carbonate, Na2C03. 

Sodium di chromate, Na2Cr207 (commercial). 

Sodium hydroxide, NaOH. 

Sodium peroxide, Na 202 . 

Sodium sulfite, Na2S03*7H20. 

Starch. 

Starch-iodide paper. 

Turmeric paper. 

Zinc, granulated C. P. 

(C) SUPPLEMENTARY REAGENTS 

In addition to the test solutions for cation and anion analysis, and the liquid 
and solid reagents listed above, all of which must be kept supplied and a reserve 
carried in stock, it is convenient to provide an additional reagent rack carrying 
supplementary reagents for which there may be an occasional demand. Among 
these should be the dry C. P. nitrates (or chlorides) of the metals and the alkali 
salts of the acid radicals, so that these salts will be accessible to the student 
whenever desired. Small wide-mouthed bottles of about 100 -ml. capacity will 
serve as containers. Other additional reagents are the following: 

Ammonium carbonate, (NH 4)2003. 

Ammonium sulfate, (NH4)2S04. 

Arsenious oxide, AS2O3. 

Benzol, CeHe (solvent for sulfur). 

Calcium fluoride, CaF2. 

Copper (foil, turnings, shot). 

Ferric chloride, FeCls. 

Ferrous ammonium sulfate, FeS04(NH4)2S04*6H20. 

Iodine (crystals). 

Manganese dioxide, Mn 02 . 

Oxalic acid, H2C204’2H20. 

Potassium iodide, KI. 

Potassium permanganate, KMn04. 

Potassium chromate, K2Cr04. 

Rochelle salts. 

Sand. 

Sugar. 

Sulfur (flowers). 

Tin foil. 
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REPRESENTATIVE LIST OF DESK EQUIPMENT 

2 evaporating dishes 60 mm. 

2 evaporating dishes 145 mm, 

2 casseroles 100 ml. 

1 graduate 100 ml. 

1 graduate 10 ml 

2 watch glasses 150 mm. 

2 watch glasses 75 mm. 

2 watch glasses 30 mm. 

1 pipette 10 ml. 

1 pipette 50 ml. 

8 Erlenmeyer flasks, 2 150-ml., 4 300-ml., 2 500-ml. 

1 Florence flask, 500 ml. 

8 beakers, 2 200-ml., 4 400-ml., 2 1000-ml. 

4 funnels 65 mm. 

1 test tube rack. 

24 test tubes, 15 cm. 

1 test tube brush. 

2 Bunsen burners. 

2 burner tips. 

2 filter stands. 

1 iron stand. 

2 iron rings with clamps. 

1 spatula. 

1 Nichrome triangle. 

1 mortar and pestle, 125 mm. 

1 triangular file. 

2 250-ml. bottles. 

1 500-ml. W. M. bottle. 

2 crucibles. 

1 filter flask. 

1 test tube holder. 

2 wire gauzes. 

1 vial red litmus paper, 

1 vial blue litmus paper. 

1 sponge. 

2 towels. 

2 lengths rubber tubing. 
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TEST SOLUTIONS OF CATIONS 

Make stock test solutions by dissolving the weight given in the last column 
in water (or acids when indicated) and dilute to one liter. The stock solutions 
are of such strength that each milliliter contains 100 milligrams of the metallic 
ion. For student use and making unknowns dilute the stock solution with 9 
times its volume of water. 


Cation 

Salt 

Grams per Liter 

Ag+' 

AgNOa 

157 

Hg2++ 

Hg 2 (N 03 ) 2 * 2 H 20 (o) 

140 

Pb++ 

Pb(N03)2 

160 

Hg++ 

Hg(N03)2(a)IH20 

167 

Bi+++ 

Bi(N03)3‘5H20(a) 

233 

Cu-H- 

Cu(N 03 ) 2 ‘ 6 H 20 

465 

Cd-H- 

Cd(N03)2-4H20 

278 

A8+++ 

As 203 ( 6 ) 

13* 

AS+-H-H- 

AS 205 

153 

Sb-H-+ 

SbClsCh) 

188 

Sn++ 

SnCl2-2H20(6) 

188 

Sn++-H- 

SnCl4-5H20 

294 

Ni++ 

Ni(N 03 ) 2 * 6 H 20 

500 

Co++ 

Co(N 03 ) 2 - 6 H 20 

500 

Mn++ 

Mn(N 03 ) 2 ' 6 H 20 

530 

Fe+-H* 

Fe(N03)3’9H20 

715 

A1+++ 

A1(N03)3-9H20 

1388 

Cr+-H- 

Cr(N03)3-9H20 

770 

Zn-H- 

Zn(N 03 ) 2 ' 6 H 20 

455 

Ba++ 

Ba(N03)2 

190 

Sr++ 

Sr(N03)2 

240 

Ca++ 

Ca(N03)2'4H20 

590 

Mg++ 

Mg(N 03 ) 2 * 6 H 20 

106* 

K+ 

KNO 3 

259 

Na+ 

NaNOa 

370 

NH 4 + 

NH 4 NO 3 

445 


* Solution 1 ml. « 10 mg. metallic ions; therefore do not dilute. 

(а) Use dilute HNO« to dissolve the salts. 

(б) Use dilute HCl to dissolve the salts. 






APPENDIX 


329 


TEST SOLUTIONS OF ANIONS 

Dissolve the indicated weight of salt in distilled water and make up to one 
liter. This will give stock test solutions of such strength that each cc. contains 
50 milligrams of the non-metallic ion with the exception of the oxalate (’*') 
which directly contains 10 mg. per ml. For student test solutions and making 
unknowns dilute the stock solution (except oxalate) with 4 times its volume of 
water. 


Anion 

Salt 

Quantity to Yield 

50 Mg. Anion/Ml. 

CO 3 " 

Na 2 C 08 

88 

CaOr 

Na2C204 

15 . 2 * 

F“ 

KF 

152 

BOa" 

Na 2 B 4 Orl 0 H 2 O 

111 

SOs" 

NaaSOa 

80 

As 02 

NaAs 02 

60.7 

Aa04® 

Na2tIAs04-7Il20 

112.2 

P04'= 

Na 2 TlP 04 - 12 H 20 

190 

C 4 H 4 O 6 ” 

Na2C4H406-2H20 

78 

S04“ 

Na2S04 

76 

Cr04'’ 

K2Cr04 

85 

S“ 

Na2S-9H20 

376 

CN~ 

NaCN 

95 

Fe(CN)a”” 

K4Fe(CN)6'3H20 

99.9 

Fe(CN)4''= 

K3Fe(CN)a 

77.6 

SaOs^ 

Na2S203-5H20 

111 

CNS“ 

KCNS 

87 

1“ 

KI 

65 

Br~ 

KBr 

76 

cr 

NaCl 

82.5 

ClOa" 

KCIO 3 

73 

CaHsOa" 

NaC2H302-3H20 

115 

NOa" 

NaN 02 

75 

NO 3 " 

NaNOs 

68.6 

Si03“ 

Na2Si03-5H20 

133 


*10 m«. directly. 






- 5 -r 

Islll 

rO,2'5'^ 3 

llI“-9 

t — "S ® ® 
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^ 1^8 8 

II Q I B I 

Et®§ 

n 


















































































































































































































































SOLUBILITY TABLE {Continued) 
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Dbnsitt op Ammonia Solutions at 16® C. 
(According to Lunge and Wiernik) 


Specific Gravity 


1.000 

0.998 

0.996 

0.994 

0.992 

0.990 

0.988 

0.986 

0.984 

0.982 

0.980 

0.978 

0.976 

0.974 

0.972 

0.970 

0.968 

0.966 

0.964 

0.962 

0.960 

0.958 

0.956 

0.954 

0.952 

0.950 

0.948 

0.946 

0.944 

0.942 


Per Cent NH 3 


0.00 

0.45 

0.91 

1.37 

1.84 
2.31 
2.80 

3.30 

3.80 

4.30 

4.80 

5.30 

5.80 

6.30 

6.80 

7.31 
7.82 
8.33 

8.84 
9.35 
9.91 

10.47 

11.03 
11.60 
12.17 
12.74 

13.31 
13.88 
14.46 

15.04 


Specific Gravity 


0.940 
0.938 
0.936 
a. 934 
0.932 
0.930 
0.928 
0.926 
0.924 
0.922 
0.920 
0.918 
0.916 
0.914 
0.912 
0.910 
0.908 
0.906 
0.904 
0.902 
0.900 
0.898 
0.896 
0.894 
0.892 
0.890 
0.888 
0.886 
0.884 
0.882 


Per Cent NH, 


15.63 
16.22 
16.82 
17.42 

18.03 

18.64 

19.25 
19.87 

20.49 
21.12 

21.75 
22.39 

23.03 

23.68 

24.33 
24.99 

25.65 
26.31 
26.98 

27.65 

28.33 
29.01 

29.69 
30.37 
31.05 

31.75 

32.50 

33.25 
34.10 
34.95 


Taken from Treadwell-Hall, Analytical Chemixlry, Vol. II, 9th Kd., published by .lohn Wiley & 
Hons. Reprinted with permission. 
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Density of Strong Acids at 15® C . in Vacuo 


(According to Lunge, Isler, Naef, and Marchlewsky) 


Specific 

Gravity 

at ^ 

(Vacuo) 

Per Cent by Weight 

Specific 
Gravity 
IS"" 
at — 0- 

( Vacuo) 

Per Cent by Weight 

HCl 

HNO3 

H2SO4 

HNO , 


1.000 

0.16 

0.10 

0.09 

1.235 

37.51 

31.70 

1.005 

1.15 

1.00 

0.95 

1.240 

38.27 

32.28 

1.010 

2.14 

1.90 

1.57 

1.245 

39.03 

32.86 

1.015 

3.12 

2.80 

2.30 

1.250 

39.80 

33.43 

1.020 

4.13 

3.70 

3.03 

1.255 

40.56 

34.00 

1.025 

5.15 

4.60 

3.76 

1.260 

41.32 

34.57 

1.030 

6.15 

5.50 

4.49 

1.265 

42.08 

35.14 

1.035 

7.15 

6.38 

5.23 

1.270 

42.85 

35.71 

1.040 

8.16 

7.26 

5.96 

1.275 

43.62 

36.29 

1.045 

9.16 

8.13 

6.67 

1.280 

44.39 

36.87 

1.050 

10.17 

8.99 

7.37 

1.285 

45.16 

37.45 

1.055 

11.18 

9.84 

8.07 

1.290 

45.93 

38.03 

1.060 

12.19 

10.67 

8.77 

1.295 

46.70 

38.61 

1.065 

13.19 

11.50 

9.47 

1.300 

47.47 

39.19 

1.070 

14.17 

12.32 

10.19 

1.305 

48.24 

39.77 

1.075 

15.16 

13.14 

10.90 

1.310 

49.05 

40.35 

1.080 

16.15 

13.94 

11.60 

1.315 

49.88 

40.93 

1.085 

17.13 

14.73 

12.30 

1.320 

50.69 

41.50 

1.090 

18.11 

15.52 

12.99 

1.325 

51.51 

42.08 

1.095 

19.06 

16.31 

13.67 

1.330 

52.34 

42.66 

1.100 

20.01 

17.10 

14.35 

1.335 

53.17 

43.20 

1.105 

20.97 

17.88 

15.03 

1.340 

54.04 

43.74 

1.110 

21.92 

18.66 

15.71 

1.345 

54.90 

44.28 

1.115 

22.86 

19.44 

16.36 

1.350 

55.76 

44.82 

1. J 20 

23.82 

20.22 

17.01 

1.355 

56.63 

45.35 

1.125 

24.78 

20.99 

17.66 

1.360 

57.54 

45.88 

1.130 

25.75 

21.76 

18.31 

1.365 

58.45 

46.41 

1.135 

26.70 

22.53 

18.96 

1.370 

59.36 

46.94 

1.140 

27.66 

23.30 

19.61 

1.375 

60.27 

47.47 

1.145 

28.61 

24.07 

20.26 

1.380 

61.24 

48.00 

1.150 

29.57 

24.83 

20.91 

1.385 

62.21 

48.53 

1.155 

30.55 

25.59 

21.55 

1.390 

63.20 

49.06 

1.160 

31.52 

26.35 

22.19 

1.395 

64.22 

49.59 

1.165 

32.49 

27.11 

22.83 

1.400 

65.27 

50.11 

1.170 

33.46 

27.87 

23.47 

1.405 

66.37 

50.63 

1.175 

34.42 

28.62 

24.12 

1.410 

67.47 

51.15 

1.180 

35.39 

29.37 

24.76 

1.415 

68.60 

51.66 

1.185 

36.31 

30.12 

25.40 

1.420 

69.77 

52.15 

1.190 

37.23 

30.87 

26.04 

1.425 

70.95 

52.63 

1.195 

38.16 

31.60 

26.68 

1.430 

72.14 

53.11 

1.200 

39.11 

32.34 

27.32 

1.435 

73.35 

53.59 

1.205 


33.07 

27.95 

1.440 

74.64 

54.07 

1.210 


33.80 

28.58 

1.445 

75.94 

54.55 

1.215 


34.53 

29.21 

1.450 

77.24 

55.03 

1.220 


35.26 

29.84 

1.455 

78.56 

55.50 

1.225 


36.01 

30.48 

1.460 

79.94 

55.97 

1.230 


36.76 

31.11 

1.465 

81.38 

56.43 
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DENhiTV (JF Sthoxo Acids at 15'^ C. in Vacuo (Continued) 


Specific ! 

Gravity 

. 15° 
at^ 

(Vacuo) 

Per Cent 
by 

Weight 

HNOs 

Per Cent 
by Weight 
II2SO4 

Specific 

Gravity 

at — - 
4 

(Vacuo) 

Per Cent 
by Weight 
H2SO4 

Specific 

Gravity 

. 15" 
at-^ 

(Vacuo) 

Per Cent 
by Weight 
H,S04 

1.470 

82.86 

56.90 

1.610 

C9.5G 

■W 

81.56 

1.475 

84.41 

57.37 

1.615 

70.00 


82.00 

1.480 

86.01 

57.83 

1.620 

70.42 


82.44 

1.485 

87.66 

58.28 

1.625 

70.85 

1.765 

83.01 

1.490 

89.86 

58.74 

1.030 

71.27 

1.770 

83.51 

1.495 

91.56 

59.22 

1.635 

71.70 

1.775 

84.02 

1.500 

94.04 

59.70 

1.640 

72,12 

1.780 

84.50 

1.505 

96.34 

60.18 

1.645 

72.55 

1.785 

85.10 

1.510 

98.05 

60.65 

1.650 

72.90 

1.790 

85.70 

1.515 

99.02 

61.12 

1.055 

73.40 

1.795 

86.30 

1.520 

99.62 

61.59 

1.060 

73.81 

1.800 

86.92 

1.525 


62.06 

1.665 

74.24 

1.805 

87.60 

1.530 


62.53 

1.070 

74.66 

1.810 

88.30 

1.535 


63.00 

1.675 

75.08 

1.815 

89.16 

1.540 


03.43 

1.680 

75.50 

1.820 

90.05 

1.545 



63.85 

1.085 

75.94 

1.825 

91.00 

1.550 


64.20 

1.690 

70.38 

1.830 

92.10 

1.555 


64.67 

1.695 

76.76 

1.835 

93.56 

1.560 


65.20 

1.700 

77.17 

1.840 

95.60 

1.565 


05.65 

1.705 

77.00 

1.8405 

95.95 

1.570 


06.09 

1.710 

78.04 

1.8410 

96.38 

1.575 ■ 


60.53 

1.715 

78.48 

1.8415 

97.35 

1.580 


66.95 

1.720 

78.92 

1.8410 

98.20 

1.585 


07.40 

1.725 

79.36 

1.8405 

98.62 

1.590 


67.83 

1.730 

79.80 

1.8400 

98.72 

1.595 


68.26 

1.735 

80.24 

1.8395 

98.77 

1.600 


68.70 

1.740 

80.08 

1.8390 

99.12 

1.605 


69.13 

1.745 

81.12 

1.8385 

1 ! 

99.31 


Taken from Tread well-Hall, Analytical Chemintry, Vol, II. 9th Kd., piiblislied by John Wiley <S 
Sons. Reprinted with perinission. 
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INDEX 


Acetate, detection of, 29() 
identification of, 274 
reactions of, 265 
Acetic acid, ionization of, 55 
Acid, definition, 9 
Acids, as reagents, 23 
ionization of, 53 
neutralization of, 96 
Activity coefficient, 19 
Alloys, analysis of, 316 
Aluminum, detection of, 306 
identification of, 197 
reactions of, 184 
Ammonia, as reagent, 24 
Ammonium, detection of, 315 
identification of, 216 
reactions of, 211 

Ammonium carbonate group, 201 
Ammonium sulfide group, 172 
Amphoterism, 89, 200 
Analysis, systematic, 276 
Anions, analytical grouping, 221 
diagrammatic scheme, 222 
lfl&.ctions of, 220 
Antimony, detection of, 302 
identification of, 167 
reactions of, 157 
Apparatus list, 327 
Arsenate, detection of, 285 
identification of, 241 
reactions of, 232 
Arsenic, detection of, 301 
identification of, 166 
reactions of, 151 
Arsenite, detection of, 285 
identification of, 240 
reactions of, 231 
Atomic structure, 5 
Avogadro's number, 4 

Barium, detection of, 312 
identification of, 208 


Barium, reactions of, 201 
Barium nitrate group, 241 
Base, definition of, 9 
Bases, ionization of, 58 
Bismuth, detection of, 300 
identification of, 150 
reactions of, 138 
Bonds, covalent, 7 
Borate, ^letoction of, 284 
identification of, 240 
reactions of, 227 
Bromide, defection of, 289 
identification of, 264 
reactions of, 258 
Bronsted- Lowry theory, 12 
BuiTer solutions, (>l 

Cadmium, detection of, 301 
identification of, 151 
reactions of, 143 
Calcium, detection of, 313 
identification of, 209 
reactions of, 204 
Calcium nitrate group, 223 
Carbonate, detection of, 283 
identification of, 239 
reactions of, 223 

Cations, analytical grouping, 1 16 
Group I, 119 
Group II, 133 
Group III, 172 
Group IV, 201 
Group V, 209 
test solutions of, 329 
Chelate compounds, 86 
Chlorate, detection of, 289 
identification of, 274 
reactions of, 265 
Chloride, detection of, 289 
identification of, 264 
reactions of, 259 
Chromate, detection of, 28ti 
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INDEX 


Chromate, identification of, 245 
reactions of, 243 
Chromium, detection of, 307 
identification of, 198 
reactions of, 187 
Cleaning solution, 109 
Cobalt, detection of, 305 
identification of, 195 
reactions of, 176 
Colloidal precipitates. 111 
Colloidal systems, 73 
Common-^ion effect, 59, 170, 200 
Complex ions, 73, 131, 171 
structure of, 81 
theory of, 79 

Concentrations, molar, 26 
Conjugate pair, 10 
Coordination number, 83 
Copper, detection of, 301 
identification of, 150 
reactions of, 141 
Coprecipitation, 76 
Cyanide, detection of, 287 
identification of, 253 
reactions of, 248 

Debye-Hlickel theory, 17 
Decantation, 112 
Density tables, 330 

Electrochemical theory, 100 
Electrode potential, 102 
Electrolytes, 3 
Electron transfer, 5, 35, 100 
Equilibrium, 50 

Law of Chemical, 50 

applied to complex ions, 79 
applied to hydrolysis, 93 
applied to ionization, 53 
applied to precipitation, 63 
applied to redox reactions, 103 
Exponents, 28 

Ferricyanide, detection of, 287 
reactions of, 251 
Ferrocyanide, detection of, 287 
identification of, 253 


Ferrocyanide, reaction of, 250 
Filtration, 112 

Flame test, for alkali metals, 217 
for alkaline earths, 208, 209 
for borate, 229 
for tin, 163 

Fluoride, detection of, 284 
identification of, 240 
reactions of, 226 

Gels, 75 
Gram-ion, 25 
Gram-mole, 25 

Half-cell, 33 
Hydration of ions, 13 
Hydrochloric acid group, 119 
Hydrogen sulfide theory, 168 
group, 133 

Hydrogen -ion concentration, 95 
Hydrolysis, 97, 199 
Hydrolysis constants, 99 

Instability constants, 81 
Iodide, detection of, 288 
identification of, 263 
reactions of, 255 
Ion-electron method, 35 
Ionization, 4 
of acetic acid, 55 
of acids, 57 
of bases, 58 
constants, 53 
extent, 14 
table of, 15, 16 
table of constants, 59 
Interference, 291 
oxalate, 308 
phosphate, 310 
tartrate, 308 
Iron, detection of, 306 
identification of, 197 
reactions of, 181 

Laboratory instructions, 109 
Lead, detection of, 295, 299 
identification of, 128, 150 
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Lead, reactions of, 124, 136 
Le Chatelier’s Principle, 53 

Magnesium, detection of, 314 
identification of, 216 
reactions of, 210 
Manganese, detection of, 306 
identification of, 196 
reactions of, 178 
Mass action, 48 
Mercury (tc), detection of, 299 
identification of, 149 
reactions of, 134 
Mercury (ous), detection of, 296 
identification of, 128 
reactions of, 122 
Minerals, analysis of, 318 

Nickel, detection of, 305 
identification of, 195 
reactions of, 173 
Nitrate, detection of, 290 
identification of, 274 
reactions of, 269 
Nitrite, dctf'ction of, 290 
identification of, 274 
reactions of, 267 
Non-electrolytes, 3 

Ores, analysis of, 318 
Oxalate, detection of, 284 
identification of, 240 
reactions of, 225 
Oxidation-reduction, 132 
defined, 32 
Oxidizing agents, 44 

Periodic table, 115 
pH values, 95 

Phosphate, detection of, 285 
identification of, 241 
reactions of, 233 
Postprecipitation, 77 
Potassium, detection of, 314 
identification of, 217 
reactions of, 212 
Potential series, 102 
Precipitates, properties of, 71 


Precipitation, 68 
fractional, 70 
technique, 111 
theory, 63, 129 
Proton, 5 

Reaction velocity, 48 
Reactions, classification of, 30 
ionic nature of, 29 
reversible, 49 
Reagents, 20 
classification, 21 
list, 323 
use of, 111 

Redox reactions, 31, 172 
balancing, 41 
Reducing agents, 45 

Salt effect, 72 
Salts, 13 

Silicates, analysis of, 319 
Silver, detection of, 296 
identification of, 128 
reactions of, 119 
Silver nitrate^ group, 253 
Sodium, detection of, 314 
identification of, 217 
reactions of, 214 
Sols, 74 

Solubility, limits of, 2 
Solubility product constants, 65 
table, 67 
principle, 63 
Solutes, 3 
Solutions, 1 
bulTcr, 61 
colloidal, 73 
molal, 24 
molar, 24 
normal, 24 

Specific gravity tables, 330 
Strontium, detection of, 313 
identification of, 208 
reactions of, 203 
. Sulfate, detection of, 286 
identification of, 245 
reactions of, 242 
Sulfide, detection of, 287 
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INDEX 


Sulfide, identification of, 252 
reactions of, 246 

Sulfide precipitation theory, 168, 199 
Sulfite, detection of, 284 
identification of, 240 
reactions of, 229 

Tartrate, detection of, 286, 308 
identification of, 241 
reactions of, 235 
Test solutions, anions, 329 
cations, 328 

Thiocyanate, detection of, 288 
identification of, 263 
reactions of, 254 
Thiosulfate, detection of, 288 
identification of, 263 


Thiosulfate, reactions of, 253 

Tin, detection of, 303 
identification of, 167 
reactions of, 160 

Valence, bonds, 5, 8 
coordinate, 8 
variable, 9 

Valence-electron method, 38 

Water equilibrium, 93 

Werner theory, 83 

Zinc, detection of, 307 
identification of, 198 
reactions of, 189 

Zinc nitrate group, 246 





INTERNATIONAL ATOMIC WEIGHTS 
1943 
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Syftv* 

hoi 

Atomic 

Number 

Atomic 

Weight 


Sym- 

bol 

Atomic 

Number 

Atomic 

Weight 

Aluminum. . . 

A1 

13 

26.97 

Molybdenum. . 

Mo 

42 

95.95 

Antimony. . . . 

Sb 

61 

121.76 

Neodymium. . 

Nd 

60 

144.27 

Argon 

A 

18 

39.944 

Neon 

Ne 

10 

20.183 

Arsenic 

As 

33 

74.91 

Nickel 

Ni 

28 

58 69 

Barium 

Ba 

56 

137.36 

Nitrogen. . . . . 

N 

7 

14 008 

Beryllium 

Be 

4 

9.02 

Osmium 

Os 

76 

190.2 

Bismuth 

Bi 

83 

209.00 

Oxygen 

0 

8 

16 0000 

Boron. ...... 

B 

6 

10.82 

Palladium .... 

Pd 

46 

106.7 

Bromine 

Br 

35 

79.916 

Phosphorus. . . 

P 

15 

30.98 

Cadmium .... 

Cd 

48 

112.41 

Platinum 

Pt 

78 

195.23 

Caloium 

Ca 

20 

40.08 

Potassium 

K 

19 

39.096 

Carbon 

c 

6 

12.010 

Praseodymium 

Pr 

59 

140.92 

Cerium 

Ce 

58 

140.13 

Protactinium. . 

Pa 

91 

231 

Cesium 

Cs 

55 

132.91 

Radium 

Ra 

88 

226.05 

Chlorine 

Cl 

17 

35.457 

Radon 

Rn 

86 

222 

Chromium. . . 

Cr 

24 

52.01 

Rhenium 

Ro 

75 

186.31 

Cobalt 

Co 

27 

58.94 

Rhodium 

Rh 

45 

102 91 

Columbium. . 

Cb 

41 

92.91 

Rubidium. . . . 

Rb 

37 

85.48 

Copper 

Cu 

29 

63.57 

Ruthenium. . . 

Ru 

44 

101.7 

Dysprosium. . 

Dy 

66 

162.46 

Samarium. . . . 

Sm 

62 

150.43 

Erbium 

Er 

68 

167.2 

Scandium. . . . 

So 

21 

45.10 

Europium 

Eu 

63 

152.0 

Selenium 

So 

34 

78.96 

Fluorine 

F 

9 

19.00 

Silicon 

Si 

14 

28.06 

Gadolinium . . 

Gd 

64 

156.9 

Silver 

Ag 

47 

107.880 

Gallium 

Ga 

31 

69.72 

Sodium 

Na 

11 

22.997 

Germanium . . 

Ge 

32 

72.60 

Strontium .... 

Sr 

38 

87.63 

Gold 

Au 

79 

197.2 

Sulfur 

S 

16 

32.06 

Hafnium 

Hf 

72 

178.6 

Tantalum. . . . 

Ta 

73 

180.88 

Helium 

He 

2 

4.003 

Tellurium. . . . 

To 

52 

127.61 

Holmium .... 

Ho 

67 

164.94 

Terbium 

Tb 

65 

159.2 

Hydrogen 

H 

1 

1.0080 

Thallium 

Tl 

81 

204.39 

Indium 

la 

49 

114.76 

Thorium 

Th 

90 

232.12 

Iodine 

I 

53 

126.92 

Thulium. .... 

Tm 

69 

169.4 

Iridium 

Ir 

77 

193.1 

Tin 

Sn 

50 

118.70 

Iron 

Fe 

26 

55.85 

Titanium 

Ti 

22 

47.90 

Krypton 

Kr 

1 36 

83.7 

Tungsten. .... 

W 

74 

183.92 

Lanthanum. . 

La 

1 57 

138.92 

Uranium 

u 

92 

238.07 

Lead 

Pb- 

82 

207.21 

Vanadium. . . . 

V 

23 

50.95 

Uthliim 

Li 

3 

6.940 

Xenon 

Xe 

54 

131.3 

Lutecium 

Lu 

71 

174.99 

Ytterbiiun. . . . 

Yb 

70 

<173.04 

Magnesium. . 

Mg 

12 

24.32 

Yttrium 

Y 

39 

88.92 

Manganese. . . 

Mu 

25 

54.93 

Zinc 

Zn 

30 

65.38 

Mercury 

Hg 

80 

200.61 

Zirconium. . • . 

Zr 

40 

91.22 












